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Abstract
Acidic aqueous nickel(II) sulfamate solutions are widely used for industrial nickel electroplating. The
finite lifetimes of these baths are caused by the hydrolysis of sulfamate ions to ammonium ions which
raise the stress in the nickel deposits. Spent solutions require treatment to recover the NiII, typically
present at ca. 103 mol m-3, because consent concentrations for discharge to sewers are ca. 2×10-2 mol
m-3. The aim of this project was to develop an electrochemical process and suitable control methods
for treating the concentrated eﬄuents by electrodeposition of NiII.
The electrochemical reactor designed with a nickel mesh cathode, a Pt/Ti oxygen-evolving anode, and
a cation-permeable membrane, was operated at constant current in batch-recycle mode. Elemental
nickel was electrodeposited onto the cathode from the catholyte-eﬄuent, separated from the aqueous
sodium sulfate anolyte by the membrane, which prevented the oxidation of the sulfamate ions in the
eﬄuent and thus restricted the anodic reaction to the evolution of O2. Experiments with this system
demonstrated that NiII could be recovered at current efficiencies greater than 90 % if the catholyte-
eﬄuent pH was maintained in the range 2.5 - 4.5 and if the magnitude of the applied current was
regulated to be smaller than the mass transport limited NiII reduction current.
Continuous additions of NaOH into the anolyte during reactor operation effectively decreased the rate
of proton migration through the membrane from anolyte to catholyte and prevented the catholyte pH
decreasing, so minimising the hydrogen evolution rate, the primary cause of the current efficiency al-
ways being less than 100 %. Increase in catholyte pH to values above 4.5 occured when eﬄuents were
contaminated with iron(III), present as either Fe2O3 or Fe(OH)3, the reduction of which consumed
protons and caused cathode passivation due to formation of Ni(OH)2.
The magnitude of the applied current was adjusted during the NiII depletion process to ensure it did
not exceed the mass transport limited value for a given solution flow rate at any time. km(NiII) values,
used to predict the limiting current densities, were derived from results of separate experiments in
which mass transport limited reduction current densities of hexacyanoferrate(III) ions were measured
as a function of flow rate in alkaline solution.
Using these control methods, which were optimised using a reactor model incorporating mass bal-
ances, NiII concentrations in the eﬄuent could be decreased by over 90 %. Using the typically mea-
sured average current efficiency of 95 % and the cell potential difference, typically 4.5 V in the
presence of a Pt/Ti mesh anode, the specific electrical energy consumption was evaluated as ca. 4 300
kW h (tonne Ni)-1, equivalent to ca. $650 (tonne Ni)-1, which is two orders of magnitude lower than
the price of elemental nickel, currently $22k tonne-1.
A micro-kinetic model was developed to describe the reduction mechanisms of nickel(II) and protons,
considered as sequential one-electron charge transfers via separate adsorbed intermediates, as func-
tions of electrode potential, ion concentrations and mass transport rates. This was coupled with the
reactor model to facilitate predictions of reactor performance, based on the kinetic rate coefficients
and transfer coefficients. In order to determine these kinetic parameters the kinetics of nickel(II) and
proton / water reduction were measured in sulfamate solutions on a rotating Ni disc electrode and on
a Au EQCM as a function of NiII concentration, bulk pH, electrode potential and rotation rate.
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1 Introduction
1.1 Nickel Sulfamate Electroplating and the Industrial Eﬄuent Problem
Nickel sulfamate solutions are widely used for industrial nickel plating, when electrodeposits with
low stress are required. Applications for low stress nickel coatings are found, for example, in the
aerospace and motor industries where engines and turbines require corrosion and friction resistant
surfaces. The finite lifetimes of nickel sulfamate plating baths are caused by the tendency of the
sulfamate ion to hydrolyse to ammonium and sulfate ions at the typical bath operating conditions of
pH below 2.5 and temperatures above 65oC via
NH2S O−3 + H+ + H2OÐ→ NH+4 + HS O−4
The accumulation of ammonium ions results in increased stress in nickel deposits, which is unaccept-
able in many applications. At a critical ammonium ion concentration of ca. 250 mol m-3, the solutions
are rendered spent, but require treatment to recover the nickel. Nickel(II) is typically present in the
eﬄuents in molar concentrations, whereas consent concentrations for discharge to sewers are of the
order of 1 ppm. Recovery of nickel(II) as elemental nickel is motivated by the low specific electrical
energy consumption, which can be estimated at 4,000 kW h (tonne Ni)-1, based on a cell voltage
of 4 V and current efficiency of 90 %. This specific electrical energy consumption is equivalent to
ca. $600 (tonne Ni)-1, which is two orders of magnitude lower than the price of elemental nickel,
currently $22k tonne-1 (www.lme.com).
The research presented in this thesis was driven by the requirement to treat industrial nickel sulfamate
plating eﬄuents by electrochemical depletion of nickel(II). The eﬄuent primarily consisted of nickel
sulfamate, nickel chloride and boric acid, while contaminants included ammonium ions and iron.
Much literature has been published on the various macroscopic properties of deposits obtained from
nickel sulfamate plating baths, but there is an absence of work on nickel(II) recovery from sulfamate
solutions where the aim was to treat the solution.
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1.2 Project Aims
The general aim of this project was to develop, characterise, control, model and optimise the perfor-
mance of an electrochemical reactor for recovering nickel(II) from aqueous nickel sulfamate eﬄuents,
with emphasis on achieving and maintaining high nickel(II) reduction current efficiencies. Reduced
current efficiencies may potentially result due to the cathodic evolution of H2, a loss reaction which
typically occurs in parallel with nickel(II) reduction, either via the the reduction of H+ ions or H2O
molecules. An additional requirement by industrial sponsors, Atranova, was for the electrochemical
reactor to utilise anodes made of Ebonex®, a ceramic material which comprises of Magneli phase
titanium suboxides (TinO2n-1), where n is a number between 4 and 10.
An intermediate aim was to develop a micro-kinetic model, upon which the kinetics of nickel sulfa-
mate eﬄuent reduction may be predicted in advance, based on the bulk nickel(II) concentration, pH
and the concentrations of any other electroactive species which may or may not modify the electrode
kinetics. Such a micro-kinetic model was coupled with a macro-scale reactor model in order to enable
prediction of optimal operating conditions.
1.3 Project Objectives
The aims of this project could be achieved by completing the following three objectives:
1. Development of a kinetic model based on an extensive literature survey of the relevant mech-
anisms and kinetic equations that describe the NiII reduction process and its dependence on
solution pH and chemical speciation of the eﬄuent.
2. Quantification of the kinetic parameters required to describe nickel(II) reduction kinetics and
reduction current efficiencies in nickel sulfamate solutions; determination of quantitative trends
in the kinetic parameters as a function of electrode potential, NiII concentration and bulk pH.
3. Experimental determination of the optimal operating conditions and control methods for recov-
ering nickel(II) from sulfamate eﬄuents in a fully characterised and modelled electrochemical
reactor; evaluation of the maximum attainable nickel(II) reduction current efficiency and the
specific electrical energy consumption of the developed nickel(II) recovery process .
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1.3.1 Project Tasks
In order to meet the aims and objectives of the project the following tasks were defined:
1. Identification of the primary nickel sulfamate eﬄuent components and any likely contaminants,
thus permitting the following:
(a) Analysis of the chemical speciation of the eﬄuent solution and identification of all ther-
modynamically feasible electrode reactions using reliable thermodynamic data published
in the literature.
(b) Identification of loss reactions which may occur simultaneously with the cathodic
reduction of nickel(II) and of the possible methods for obviating them.
(c) Determination of the principal electrode reactions requiring study.
2. Determination of the reaction mechanism for the reduction of nickel(II) and any other relevant
species, based on research reported in the literature; development of a micro-kinetic model to
describe the kinetics of nickel(II) reduction in the eﬄuent solution as a function of potential,
nickel(II) concentration, pH and other relevant factors.
3. Determination of unknown kinetic parameters and their dependence on nickel(II) concentration
and pH using a curve fitting procedure in gPROMS, based on experimental data obtained in
the presence of well-defined hydrodynamics using an RDE; formulation of a general model to
predict kinetic results in the presence of any given NiII concentration and bulk solution pH.
4. Determination of H2O oxidation kinetics on Ebonex®;
5. Design, construction and characterisation of a bench-scale electrochemical reactor suitable for
nickel(II) recovery, incorporating Ebonex® rod anodes, catalysed or otherwise;
6. Operation of the reactor to identify:
(a) The optimum operating conditions, enabling high nickel(II) reduction efficiency as well
as adherent / coherent metal electrodeposits;
(b) Evaluation of the typical specific electrical energy consumption of the process and its
dependence on the operating conditions, nickel(II) concentration and anode material.
7. Scale-up to pilot plant scale and assessment of operational feasibility under industrial conditions
using on-site eﬄuents.
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2 Literature Review
2.1 Principles of Electrochemical Systems
Electrowinning (a broader term for electroplating and electrorecovery) of metals as well as a number
of other globally important processes such as chlor-alkali production (total world production exceed-
ing 55 megatonnes per annum (World Chlorine Council)) are judiciously engineered to maximise the
output of electrically driven chemical reactions.
When a chemical reaction cannot occur spontaneously in bulk solution over any range of tempera-
tures, the energy barrier associated with the reaction may be overcome by utilising the properties of
an inter-phasial boundary, such as one that can be established by immersing an electrically conductive
solid into the solution. While the bulk solution is characterised by overall isotropy and homogeneity
in terms of molecular dipole orientations and distribution of species, the interface between a solid
and a liquid is characterised by a separation in charge, resulting from a positive or negative net dipole
moment that exists in the layer of electrolyte adjacent to the metal and an equal negative or positive
surface charge on the surface of the metal. This separation of charge results in a potential difference
accross the interface (Bockris, Reddy & Gamboa-Aldeco 2000). The potential difference may be
modified using an external power source to drive a reaction. Electrochemical processes thus occur via
the transfer of electrons across the interface between an electronic conductor and an ionic conductor,
which may be an aqueous electrolyte, a molten salt or even an ionically conducting solid, according
to the general overall reaction shown in Equation 2.1 (Christensen & Hamnett 1994).
O + νee− Cathodic reductionÐÐÐÐÐÐÐÐ⇀↽ Ð
Anodic oxidation
R (2.1)
where species R may be converted to species O in an anodic process or species O converted to R in
a cathodic process with νe being the total number of electrons exchanged at the interface during the
conversion.
Because the internal energy of a system tends to a minimum in order to achieve equilibrium, for a
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reaction to occur spontaneously the overall associated Gibbs free energy change at a fixed temperature
and pressure has to be negative, i.e. ∆G0 < 0. The Gibbs free energy change for a particular reaction
is computed using Equation 2.2, where K is the equilibrium constant, R is the universal gas constant
and T is the temperature.
∑
i
mi∆G0i (products) −∑
i
mi∆G0i (reactants) = −RTln(K) (2.2)
with
∆G0i = ∆H0i − T∆S 0i (2.3)
where ∆H0 and ∆S0 are the changes in enthalpy and entropy, respectively.
The interfacial potential difference, E0, that is required to trigger reactions with a positive associated
Gibbs free energy change may be calculated using Equation 2.4, where F is the Faraday constant.
∆G0 = −νeFE0O/R (2.4)
E0, widely referred to as the standard potential, is the potential at which zero net current flows in the
case when the reducible and oxidisable species of the same couple are present at equal concentrations.
However, when the concentrations of O and R are not the same the equilibrium potential, Er, at which
the net direction of the reaction reverses is calculated using the Nernst equation:
Er = E0 + RT
νeF
ln
⎛⎜⎝
∏
i
[Oi]∏
j
[R j]⎞⎟⎠ (2.5)
The deviation of the electrode potential from the reversible potential for a particular redox couple
will cause a flow of current, or more precisely a current density (current per unit electrode area), j,
with j=f(E-Er). It is equally possible to apply a current density accross the interface with the aid of
an external power source, in which case the interfacial potential drop will adjust to a value that is
necessary to allow that particular current density to flow.
Naturally, for current to flow a complete circuit is essential. This can be most readily accomplished by
immersing two electrically conductive materials into an ionically conductive solution and connecting
them to opposite terminals of a power supply, as depicted in Figure 2.1a. For certain processes, such
as nickel plating, this basic setup is already sufficient. The method typically used in industry for
triggering and sustaining electrochemical processes is galvanostatic control, which is the application
of a constant current / current density across the system for a chosen length of time. In practice there
is always a non-zero resistance to current flow through any medium and hence in response to the
applied current a potential drop across the cell is established. This drop, known as the cell voltage,
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is a summation of various potential drops accross the cell, as shown in Figure 2.1b. The cell voltage,
U, comprises the potential drops across the interfaces between the two immersed electrodes and the
electrolyte (∆φc and ∆φa), the ohmic drop across the electrolyte (∆φs) and the ohmic resistances in
the contact wires (∆φIR).
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(a) Galvanostatic control
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Δsolution
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ΔIR in contact wire
ΔIR in contact wire
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(b) Potential drops across an electrochemical cell
Figure 2.1: Basic electrochemical cell and associated potential drops
The cell voltage is the quantity that determines the power requirement for sustaining an electrochemi-
cal process and hence controls the overall cost. The specific electrical energy consumption of a metal
electrowinning process, Wemetal, may be computed according to Equation 2.6
Wemetal / kWh (tonne metal)-1 = νeFΦemetal U3.6Mmetal (2.6)
where U represents the cell voltage at a particular operating current density, Φemetal is the fractional
current efficiency for metal deposition (Φemetal < 1 if other reactions are occurring in parallel to the
primary reaction of interest) and Mmetal is the molar mass of the metal. The current efficiency for a
metal deposition process may be calculated based on the deposit mass, m, accumulated during the
passage of electric charge, Q, using Equation 2.7:
Φemetal = mνeFQMmetal (2.7)
Ideally, the cell voltage is minimised through use of highly conductive circuit components (electrolyte,
electrodes, short contact wires with large cross sectional areas) and also through judicious choice
of operating conditions under which Φe for the desired process would tend to unity. In practice,
the structure and complexity of electrochemical reactors can vary greatly depending on the scale
and purpose of the process for which they are built, the internal electrode configurations, individual
electrode geometries, the nature of the products and the manner in which they may be most effectively
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harvested, or the necessity for incorporation of diaphragms or membranes. All of these requirements
may greatly affect the cell voltage and hence the process costs.
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(b) Potentiostat circuitry
Figure 2.2: Electrochemical cell under potentiostatic control and associated electronic circuit
Potentiostatic control is an alternative to galvanostatic control, albeit more costly and requiring a
more advanced understanding of the electrochemical reaction thermodynamics of the system at hand.
Potentiostatic control is most useful for investigating a specific process or the coupling of several
processes by controlling the potential drop at one particular electrode / electrolyte interface, usually
referred to as the working electrode (WE). Such control requires additional electronic circuitry and
an additional electrode. It is challenging to measure the absolute value of a potential drop across any
interface since measuring devices introduce additional interfaces, which in turn alter the measured
values (Bockris et al. 2000). However, potential drops at interfaces of interest are measured relative
to ’non-polarisable’ reference electrodes (RE) in which discharge across the interface occurs much
more readily than at the WE interface. Thus any change in the applied potential difference between the
working electrode and a reference electrode may be assumed only to affect the interface at the working
electrode and hence change in current may be attributed to potential changes at that interface alone.
The configuration of electrodes facilitating such measurements is shown in Figure 2.2a. Typically,
the RE is placed in a different compartment to the other electrodes. This ensures that current does not
flow between the WE and RE, which would induce an additional potential drop. The Luggin probe, a
narrow-tipped glass tube, is used to create a close approach of the reference and working electrodes.
A specific interface may be controlled and changes in current measured using an operational amplifier
circuit, as shown schematically in a simplified sketch in Figure 2.2b. The operational amplifier uses a
feedback circuit to minimise the potential difference between its two inputs, one of which is the pre-
set voltage of interest, and the other is the potential difference between the WE and the RE which is
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matched to the set value via adjustments to the cell current until the condition of equilibrium between
the two inputs is satisfied. The costs of the additional circuitry, reference electrodes and modifications
to the reactor structure to allow for interfacial measurements make this a less attractive mode of
control to use at industrial scales. However, this is the primary mode of control for investigations into
the mechanisms of electrochemical reactions.
2.2 Ni Plating from Nickel(II) Sulfamate Solutions
2.2.1 The Electroplating Process
Nickel electroplating is a large industry, consuming 8% of the world’s annual total nickel production
of ca. 1.4 million tonnes (London Metal Exchange 2007). Electroplating involves the reduction of
metal ions, Mz+, from solution onto a substrate via the overall reaction 2.8 (Paunovic & Schlesinger
1998).
Mz+solution + νee− electrodeÐÐÐÐ→ Mlattice (2.8)
The resultant coating is metallurgically bonded to the substrate. The purpose of nickel coatings is
generally to enhance abrasion and wear resistance, corrosion resistance, lubricity, magnetic properties
and appearance of surfaces lacking those characteristics. Examples for the use of nickel coatings are
found in the aerospace and motor industries, where engines, turbines, compressor blades, pumps,
valves, nuts & bolts are plated for protection against the corrosive environments in which they are
frequently used (Mallory & Hajdu 1990). Often nickel plating is used as an undercoat for gold,
tin, rhodium and chromium plating owing to its comparatively stronger metallurgical bond with the
underlying surface. This is seen in the manufacture of circuit boards (Hammond 1964). Futhermore,
co-electrodeposition of nickel with iron and cobalt produces alloys with magnetic properties which
find use in memory storage devices.
A particular application of relevance to the present thesis is the electroplating of steel blanks with
nickel as part of a coin production process (www.royalmint.com). Since coins are small but commis-
sioned in large numbers it is not practical to connect each coin as an individual electrode to a power
supply as shown in the simple schematic in Figure 2.1a. Instead, coins can be plated en masse in a
process referred to as ’barrel plating’; this is done at The Royal Mint (private communication, Graham
Hartry, Environment Manager, Blank Processing, The Royal Mint, Pontyclun, UK 2008). In the first
stage ca. 110,000 coin blanks (total mass ca. 80 kg) are placed in a cylindrical polypropylene basket,
as depicted in Figure 2.3a, which is suspended from a gantry. The gantry moves the basket through
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the stages of the plating process. In the first stage the blanks are rinsed to remove any dirt / grease
from their surface. Subsequently, the blanks are immersed in a tank containing 15% sulfuric acid in
order to remove any oxide layers from the surface. The blanks also undergo a degree of corrosion,
which increases the roughness of their surface. Both effects facilitate the metallurgical bonding of
the deposit to the steel surface. Following further rinsing, the plating phase commences with the im-
mersion of the coins into the plating tank which is filled with aqueous solution containing nickel(II)
(typically at molar concentrations). The conductive copper bus bar serves as the current feeder to the
coins in the basket. The immersed basket thus forms a single cathode in the center of the tank while
two lines of fabric baskets containing solid but soluble densely packed nickel spheres effectively form
two large anodes along the sides of the tank, as illustrated in Figure 2.3b. Current to the anode spheres
is supplied via feeder plates, positioned against the walls of the tank. Plating commences when a DC
current is applied between the anode feeder plates and the copper bus bar in the basket. During the
plating process the basket is rotated as indicated in Figure 2.3a, thus facilitating intermittent but suffi-
ciently frequent contact of all the tumbling blanks with the copper bus bar. Nickel deposition occurs
on the copper bus bar and on the blanks when in contact with it via the overall reaction in Equation
2.9:
NiII + 2e− Ð→ Ni0 (2.9)
While nickel ions are consumed / plated out at the cathode, the nickel anodes dissolve via the reverse
reaction in Equation 2.10 to replenish the NiII concentration in the plating tank.
NiII + 2e− ←Ð Ni0 (2.10)
The typical appearance of nickel plated steel blanks is demonstrated in Figure 2.3c. As the nickel
anode spheres dissolve they diminish in size and hence have to be intermittently replenished. Further-
more, the copper bus bar gradually grows in size due to nickel deposition as shown in Figure 2.3d and
hence also has to be replaced regularly.
Following the plating process the coins are rinsed in several stages and in the final stage of the plating
process the coins are dried and placed into an open spinning tank containing hard beads. It is thought
that bombardment of the surface with beads improves the mechanical adherence of the deposit to the
underlying blank and evens out any kinks in the plated layers.
It has already been mentioned that nickel coatings are applied for the many beneficial characteristics
they offer. However, no single deposit is likely to possess all those properties simultaneously. Descrip-
tive deposit characteristics such as ’good resistance to wear and tear’ reflect quantifiable macroscopic
properties of tensile strength, ductlity and hardness (determined from internal stress and strain), which
9
Coins  in
rotating 
polypropylene 
basket
Copper bus bar
(a) The cathode
Plating tank with solution 
containing NiII
Fabric baskets filled with 
nickel spheres (sacrificial 
anodes)
(b) Nickel plating tank
(c) Nickel plated steel blanks (d) Dendritic nickel growth on copper bus bar
Figure 2.3: Nickel electroplating process elements
have in turn been associated with different atomic lattice structures formed during plating (Vicenzo
& Cavalotti 2008), (Amblard, Epelboin, Froment & Maurin 1979), (Christensen & Hamnett 1994).
Crystallographic structures in the deposit can be affected by a great number of factors ranging from
small variations of plating bath temperature or pH to the addition of inorganic or organic chemicals.
Any additive may or may not exert an effect on the electrode — solution interface and cause modi-
fications to the deposition process. Owing to the influence of different chemicals, numerous nickel
electroplating bath formulations have been developed to achieve specific deposit properties. However,
the two bath formulations most widely used in industry are the Watts and the sulfamate baths. The
main difference between the two is that in the Watts bath the nickel(II) ions are supplied predomi-
nantly by the nickel sulfate salt, NiSO4, while in the sulfamate bath they are supplied from the nickel
sulfamate salt, Ni(NH2SO3)2. Typical chemical formulations and operating conditions used during
nickel electroplating from the sulfamate and Watts baths are given in Table 2.1.
While nickel sulfate is the salt of sulfuric acid, nickel sulfamate is the salt of sulfamic acid. The
structures of sulfuric and sulfamic acids are shown in Figures 2.4a and 2.4b, respectively (Baudrand
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Electrolyte composition g dm-3
Nickel sulfamate bath Watts bath
Nickel sulfamate, Ni(NH2S O3)2·4H2O 300 - 450 -
Nickel sulfate, NiS O4·6H2O - 225 - 400
Nickel chloride, NiCl2·6H2O 0 - 30 30 - 60
Boric acid, B(OH)3 30 - 45 30 - 45
Operating conditions
Temperature, oC 32 - 60 44 - 66
Agitation method Air / mechanical Air / mechanical
Cathode current density / A m-2 0.5 - 30 3 - 11
Anode material Nickel Nickel
pH 3.5 - 5.0 2 - 4.5
Table 2.1: Typical chemical formulations and operating conditions of the sulfamate and Watts nickel
electroplating baths (Yoshikubo 2007)
1996). A small but crucial structural difference is that one -OH group in sulfuric acid is replaced with
an -NH2 group in sulfamic acid. Sulfamic acid is a non-volatile, monobasic, weak acid produced by
-- S
=
=
O
O
HO OH
Sulfuric acid
(a)
S
=
=
--
O
O
HO NH2
Sulfamic acid
(b)
Figure 2.4: Chemical structures of sulfuric and sulfamic acids
reacting urea with sulfur trioxide and sulfuric acid (Yoshikubo 2007):
CO(NH2)2 + S O3 + H2S O4 Ð→ 2NH3S O3 +CO2 (2.11)
Some commercial applications of sulfamic acid are in scale removal, chemical cleaning, sulfation
reactions, pH adjustment and synthetic sweeteners. Nickel sulfamate is produced by reacting sulfamic
acid with nickel hydroxide (Yoshikubo 2007):
Ni(OH)2 + 2NH3S O3 Ð→ Ni(NH2S O3)2 + 2H2O (2.12)
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The Watts bath is more stable than the sulfamate bath both chemically and electrochemically, yet
the frequent preference of the sulfamate bath is because of the lower internal stress in the deposits
compared to Watts baths. High internal stress may cause loss of corrosion properties in the deposit as
a result of cracking and enlargement of pores (Marti 1966). Furthermore, because of the low stress
in sulfamate deposits, thicker deposits (exceeding an inch) can be produced without loss of quality
(Baudrand 1996). The nickel sulfamate salt is considerably more soluble than the sulfate salt and
the higher nickel concentration in solution is advantageous to the rate of deposition. Moreover, the
sulfamate bath is reported to exhibit a higher throwing power, which is a property of a solution to
produce coatings of uniform thickness on irregular surfaces, and this is presumably also due to the
higher dissolved nickel metal concentration in the plating bath.
A plating solution is typically only used for a finite amount of time. Any chemical or electrochemical
degradation in the bath may have drastic effects on the quality of the electrodeposit. When specific
properties of the deposit are absolutely crucial for their application, chemical maintenance of the bath
is of utmost importance. Hence, when the chemical composition changes irreversibly the plating
solutions are replaced with freshly prepared ones, leading to the big global problem of toxic heavy
metal wastewater management. Treatment of metal plating solutions is primarily concerned with the
removal and re-cycling of the metal and the motivation for this is two-fold. Firstly, all nickel com-
pounds are toxic to both humans and animalia (particularly aquatic life); some nickel(II) compounds
are known carcinogens (MSDS for NiII sulfate / chloride / sulfamate salts, Sigma-Aldrich). The tox-
icity of heavy metal solutions depends on the concentration of soluble metal compounds. Nickel(II)
is typically present at molar concentrations in electroplating eﬄuents but environmental legislations
wordwide commonly prohibit the discharge of nickel(II) solutions at concentrations above ca. 0.1
- 5.0 mg dm-3 (ppm) (depending on the daily volume discharged to the sewer / local waterways)
(Standards for Eﬄuent Discharge Regulations 2002), (Qualifying Criteria For Highly Efficient Wa-
ter Pollution Control Equipment 2008), (Mallory & Hajdu 1990). Hence, the dissolved nickel(II)
concentration needs to be reduced by 4-5 orders of magnitude before the wastewater may be safely
disposed of. Secondly, formation rates of nickel(II) sulfamate waste solutions at molar concentrations
can be as high as 8 m3 per month, amounting to ca. 96 m3 per year (private communication, Gra-
ham Hartry, Environment Manager, Blank Processing, The Royal Mint, Pontyclun, UK 2008). With
nickel(II) present at molar concentrations (ca. 1000 mol m-3) an annual discharge would constitute a
loss of at least ca. 96 tonnes of nickel, amounting to over £1m at the present nickel selling price of ca.
$22k tonne-1 (ca. £13.5k tonne-1) (London Metal Exchange: www.lme.com). The resulting specific
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electrical energy consumption for nickel plating is shown in Equation 2.13:
WeNi / kWh (tonne metal)-1 ≈ 913 U
ΦeNi
(2.13)
If the cost of 1 kWh is ca. £0.09 per kWh (N Power; calculated based on the estimated cell voltage of
5V and a current efficiency of 1 and the total annual power requirement of 220,000 kWh) the annual
specific electrical energy consumption would be ca. £20k. This figure is two orders of magnitude
lower than the value of nickel contained in the eﬄuent and thus highlights the financial benefits of
re-claiming the nickel(II) in the wastewater electrochemically.
For electrochemical recovery of nickel from eﬄuents the quality of the deposit is not of primary
concern, unless it adheres very poorly to the electrode and flakes off back into the solution. The bulk
deposit may be melted to remove impurities and re-moulded into an appropriate structure for re-use
as an anode in the industrial plating tanks, for example.
Naturally, soluble nickel anodes would be a hindrance when the purpose is to remove nickel(II) from
the wastewater. The consequent use of dimensionally stable anodes means that a different anodic
oxidation process would need to occur to support the flow of current. In order to develop an appro-
priate structure and method of control of an electrochemical system for the treatment of nickel(II)
sulfamate eﬄuents the chemical reactions that may occur in the eﬄuent bulk and electrochemical
reactions that may be expected to occur at both electrodes have to be carefully considered with the
aid of thermodynamic calculations.
All chemical speciation diagrams and potential-pH diagrams for the various eﬄuent components in
aqueous solution presented henceforth have been computed by the author of this thesis, using the
equilibrium constants published in the literature, unless otherwise specified.
2.2.2 Speciation of Aqueous Nickel Sulfamate Plating Solutions
Some typical compositions of fresh nickel sulfamate plating baths which subsequently became ef-
fluents under study in this thesis are shown in Table 2.2 The nickel sulfamate plating baths contain
nickel sulfamate, the main source of nickel(II) ions in the plating solution, nickel chloride and boric
acid. The range of concentrations at which all three chemicals are added in the formulations of fresh
baths is rather striking and sufficient to greatly affect the thermodynamics of the solution. Iron is a
contaminant. It is certain that no additives such as anti-pitting agents, brighteners or wetting agents
that are frequently used in plating baths are used. It is reported that originally nickel sulfamate plating
baths of pH 2.5 were used. However, significant chemical decomposition of the sulfamate ion took
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Electrolyte composition g dm-3
Plating plant No. 1 Plating plant No. 2
Nickel sulfamate, Ni(NH2S O3)2 600 ±100 450 ±100
Nickel chloride, NiCl26H2O 4.75 ±0.2 5.5 ±2.2
NiIIFree 112 ±20 82.5 ±13
Boric acid, B(OH)3 26.25 ±6.5 12 ±2.1
Iron 40.75±4.75 ×10-3 48±30 ×10-3
Operating conditions
pH 3.5 ±0.15 2.65 ±0.15
Temperature, oC 60 - 65
Agitation method Mechanical
Anode mterial Nickel
Cathode current density / A m-2 40 - 50
Anode current density / A m-2 150,000
Table 2.2: Typical nickel sulfamate bath formulations for the plating of steel blanks (private commu-
nication, Graham Hartry, Environment Manager, Blank Processing, The Royal Mint, Pontyclun, UK
2008)
place which caused an increase in the internal stress of the deposits. Solution pH was subsequently
raised to ca. 4.0, which halved the rate at which the plating solution required replacement.
2.2.2.1 Nickel Sulfamate and Sulfamic Acid The nickel sulfamate salt is known for its high
solubility although no solubility data was available in the literature. There is also no evidence to
suggest that the Ni2+ and NH2SO3- ions form complexes with each other in solution. Hence, the
thermodynamics of the two ions will be considered separately.
The chemical equilibria and the associated equilibrium constants for a NiII-H2O system are listed in
Table 2.3. The mass balance for nickel(II) in water is thus:
NiIITotal = Ni2+ + NiOH+ + Ni(OH)2(aq) + Ni(OH)2(s) + Ni(OH)−3 (2.14)
Speciation of the NiII-H2O system has been calculated using Equations 2.2 and 2.14, based on the
thermodynamic constants published in (Wagman et al. 1982) and is shown graphically as a function
of pH in the pH range 0 - 9 in Figure 2.5.
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Equilibrium Equation Equilibrium constant Reference
Ni2+ + 2H2O⇌ Ni(OH)2(c) + 2H+ 1.58×10-11 (Baes & Mesmer 1976)1.40×10-12 (Bard, Parsons & Jordan 1985)
1.87×10-13 (Wagman, Evans, Parker, Schumm,
Halow, Bailey, Churney & Nuttall
1982)
Ni2+ + 2H2O⇌ Ni(OH)2(aq) + 2H+ 1.00×10-19 (Baes & Mesmer 1976)1.07×10-28 (Wagman et al. 1982)
Ni2+ + H2O⇌ NiOH+ + H+
1.38×10-10 (Baes & Mesmer 1976)
5.08×10-10 (Bard et al. 1985)
2.20×10-10 (Wagman et al. 1982)
1.26×10-10 (Smith & Martell 1989)
Ni2+ + 3H2O⇌ Ni(OH)−3 + 3H+ 1.00×10-30 (Baes & Mesmer 1976)
Table 2.3: Chemical equilibria in a NiII-H2O system and the associated equilibrium constants reported
in various publications
Nickel(II) is soluble in the acidic pH range and is present predominantly as free Ni2+ ions. A small
proportion of Ni2+ is complexed by hydroxide ions, forming NiOH+. At pH above ca. 6 nickel(II)
forms an insoluble crystalline Ni(OH)2 compound, which tends to precipitate in unstirred solution.
The proportion of this compound that remains soluble, Ni(OH)2(aq), is so small it may be disregarded.
In consideration of interfacial processes in any aqueous solution the electrolysis water is a fundamen-
tal phenomenon whereby water is oxidised to oxygen gas while protons and / or water are reduced to
hydrogen gas:
E0 = +0.984 V(SCE) O2 + 4e− + 4H+ ←Ð 2H2O (2.15)
E0 = -0.245 V(SCE) 2H+ + 2e− acidic pHÐÐÐÐ→ H2 (2.16)
E0 = -0.245 V(SCE) 2H2O + 2e− neutral or alkaline pHÐÐÐÐÐÐÐÐÐ→ H2 + 2OH− (2.17)
These reactions, particularly the evolution of hydrogen gas, often occur simultanously with other
electrochemical processes in aqueous solution. In a large number of systems, Reactions 2.15 - 2.17
are undesirable because they constitute loss processes. The electrochemical thermodynamics of the
species of interest are usually compared to those of water in order to ascertain the extent to which the
desired process and the loss reaction will overlap.
Electrochemical thermodynamics of a system are best represented schematically as plots of the re-
versible potentials for relevant redox couples as a function of pH. Calculations are done using the
Nernst equation, shown previously in Equation 2.5. Electrochemical reactions considered besides
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reactions 2.15-2.17 were:
E0 = -0.485 V(SCE) Ni2+ + 2e− ⇌ Ni0 (2.18)
E0 = -0.135 V(SCE) Ni(OH)2(s) + 2e− ⇌ Ni0 + 2OH− (2.19)
E0 = +1.995 V(SCE) Ni(OH)3 + 3H+ + e− ⇌ Ni2+ + 3H2O (2.20)
E0 = +1.294 V(SCE) Ni(OH)3 + H+ + e− ⇌ Ni(OH)2 + H2O (2.21)
The potential-pH diagram for a NiII - H2O system is shown in Figure 2.6 for a total nickel(II) con-
centration of 1 M. The reversible potentials are calculated with reference to the saturated calomel
reference electrode (SCE, -0.245 V vs SHE).
It is impractical to consider the electrochemical reduction of Ni(OH)2 as a useful reaction via which el-
emental nickel may be recovered. In most cases, if the pH of the solution exceeds ca. 6 the hydroxide
compound will precipitate to the bottom of the vessel and will be unavailable at the electrode/solution
interface for the reaction to occur. When the hydroxide precipitates directly on the electrode surface it
forms a poorly conductive layer of sludge which generally inhibits the adhesion of elemental nickel.
This is evident in the results of (Njau, Hosseini & Janssen 1998), for example, who studied the effect
of electrolyte pH on the efficiency of nickel electrodeposition; results are shown in Figure 2.7. For
this reason, in the absence of additives, nickel(II) is electroplated only from acidic aqueous solutions.
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Calculations were based on the equilibrium data published in the NBS table of chemical thermody-
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In the acidic pH range the hydrogen evolu-
tion reaction (HER) occurs at similar poten-
tials to the reduction of nickel(II). At the to-
tal nickel(II) concentration of 1M the reversible
potential of proton discharge is positive of the
nickel(II)/nickel(0) potential in the pH range 0-
4, leaving only a narrow pH window of 4-6 in
which nickel(II) reduction can commence with-
out the interference of the other reaction. During
electrochemical recovery of nickel the nickel(II)
in solution will be depleted and this will shift
the NiII/Ni0 reversible potential to more nega-
tive values and ultimately (at nickel(II) concen-
trations of ca. 10-4 M) the loss reaction will be entirely unavoidable.
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cesses of nickel(II) reduction and H2 evolution at
the same electrode surface
Apart from constituting a loss reaction whereby
the simultaneous reduction of protons consumes
electrons supplied at the cathode and lowers
the nickel reduction current efficiency, hydrogen
bubbles tend to adhere to the electrode surface
and block off a fraction of the area. Nickel then
deposits around each bubble and when the bub-
ble eventually departs from the surface a small
crater, referred to as a ’pit’, remains behind. This
is the reason why efforts are made during indus-
trial electroplating to introduce some agitation
into the tanks in order to remove the bubbles before the pits have time to form. The development
of pits is detrimental to the deposit quality and appearance. While hydrogen evolution is unavoidable
it is evident from Figure 2.6 that if a solution of pH 4 rather than 2, for example, is used, the degree
of potential separation between the two processes would be reduced and so will the proportion of
charge lost to the hydrogen evolution reaction (HER). Figure 2.6 also demonstrates that nickel anodes
may dissolve with 100% current efficiency without interference of the oxygen evolution reaction. In
nickel(II) plating solutions where the salt is less soluble than nickel sulfamate this shows one of the
problems: anodes dissolve and release nickel(II) into the plating tank with greater efficiency than
that at which nickel(II) is consumed at the cathode. Gradually, accumulation of nickel(II) can cause
re-crystallisation of the salt in the plating tank.
The necessity for frequent replacement of nickel sulfamate plating baths is caused by the chemical
instability of the sulfamate ion. At solution pH below ca. 2.5 and temperatures above ca. 60oC the
sulfamate ion undergoes non-reversible hydrolysis according to reaction 2.22 (Huang 1994)
NH2S O−3 + H+ + H2OÐ→ NH+4 + HS O−4 (2.22)
The products of sulfamate hydrolysis are ammonium, NH4+, and sulfate, SO42-, ions. As a result
of the build up of ammonium ions the internal stress and hardness in the deposits are observed to
increase (Huang 1994), (Lin, Hsu, Chang & Chen 2001). For nickel electroplate applications in coin
production it is essential to maintain the stress in the deposit at a minimum in order to guarantee the
longevity of the coins. Consequently, only very small levels of ammonium are tolerated. When the
ammonium ion concentration exceeds ca. 5 g dm-3 the solution is replaced (private communication,
Graham Hartry, Environment Manager, Blank Processing, The Royal Mint, Pontyclun, UK 2008).
It should also be noted that the presence of ammonium ions has been found to decrease the current
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efficiency of nickel reduction (Njau et al. 1998).
The effect of solution pH and temperature have been studied by Huang (Huang 1994), who studied the
rate of hydrolysis of both sulfamic acid (over a wide concentration range of 0.62-2.72 mol dm-3) and
the sulfamate ion (at 1.105 mol dm-3) in the temperature range 25-90oC. For reference, the speciation
of sulfamic acid / sulfamate in aqueous solution is shown graphically in Figure 2.9. Since the sul-
fate ion is the product of hydrolysis and is also a frequent contaminant in plating baths its speciation
in aqueous solution is also presented. In the study sulfamic acid or nickel sulfamate were added in
0
10
20
30
40
50
60
70
80
90
100
0 1 2 3 4 5 6
H
2
S
O
4
a
n
d
  
N
H
3
S
O
3
/ 
 %
pH
H2SO4 HSO4
-
SO4
2-
NH3SO3 NH2SO3
-
Figure 2.9: Chemical equilibria in H2SO4-H2O and NH3SO3-H2O systems at 298 K and 1 atm. Cal-
culations made according to equilibrium constants published in (Smith & Martell 1989)
various quantities to aqueous solution; the sulfamate, ammonium and sulfate ion concentrations were
periodically measured. Sulfamate ion was analysed for by an ion chromatograph, the sulfate ion with
the gravimetric method, and ammonium through an ion selective membrane. The rate of hydrolysis
was found to increase with increasing acidity, temperature and electrolyte concentration. The hydrol-
ysis rate constant increases exponentially at temperatures above 60oC and decreases exponentially as
pH is raised from 0.6 to 3.5. The same trend was observed in nickel sulfamate solutions. It should be
noted, based in Figure 2.9, that in this pH range the sulfamate ion is mostly the predominant species
in solution regardless of whether sulfamic acid or nickel sulfamate was added to the solution and
hence references to the hydrolysis of sulfamic acid and sulfamate are one and the same. There is
good agreement on the value of the dissociation constant of sulfamic acid at 25oC: 0.10046 (Kurtz
& Farrar 1969) and 0.10280 (Smith & Martell 1989). Equilibrium between NH3SO3 and NH2SO3-
thus occurs at a pH of ca. 1. At pH ca. 3.5 the rate of hydrolysis is insignificant and does not further
change with pH increase.
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Aqueous sulfamate solutions are in fact known to be very stable at room temperature and pH close to
neutral. It is reported in (Marti 1966) that some nickel sulfamate plating baths have been operated for
over 10 years in the temperature range 32-57oC at pH values 3.5 - 4.5 without appreciable hydrolysis.
Whilst it is possible to maintain the plating bath pH in the above range a small degree of hydrolysis
is always inevitable during the neutralisation of sulfamic acid in the preparation of nickel sulfamate
(Hammond 1964). It is found in some cases that the quality of the nickel deposits in fact improves as
the solution is acidified (Holm & O’Keefe 2000a) and temperature increased and so ultimately there
is a trade-off between deposit quality and cost of renewing the plating solution.
Minimisation of the sulfamate hydrolysis rate, however, does not necessarily guarantee prolonged
superior deposit quality. Deposit degradation may occur for other reasons than the accumulation of
ammonium ions in the bath. A literature review of industrial reports compiled by (Klingenmaier 1965)
points out that observations of variations in stress, brightness and colour of the deposit, appearance
of black pits and loss of adhesion are strongly linked with variations in nickel anode dissolution
efficiency. In principle, the potential separation between the reversible potentials for nickel dissolution
and oxygen evolution is sufficiently great to ensure that nickel dissolution is the sole anodic reaction
and as such will occur with 100% current efficiency. However, in the case of impure solid nickel
it has been found that a poor distribution of electric current over the anode surface frequently leads
to a formation of a passive metal oxide layer. The passive layer will firstly prevent dissolution of
the underlying metal and secondly may provide a high enough resistance to the passage of current
so as to raise the anode potential to sufficiently high values to permit auxiliary oxidation reactions.
Nickel anode types which are used in industry are sulfur depolarised nickel anodes (sulfur cast into
the anode to aid corrosion), depolarised nickel, rolled & skinned nickel and cast nickel electrodes.
It was found through galvanostatic studies in sulfamate solutions of pH range 3.5-4.4 that sulfur
depolarised nickel is the only type of nickel anode to show no passivity and consequently no change
in the cathodic nickel deposit quality was observed (Klingenmaier 1965). On the other hand it was
observed that when nickel anodes were replaced with dimensionally stable platinised titanium anodes
the compressive stress in the nickel deposits changed drastically and significant amounts of sulfur
were found to be incorporated into the deposits. Since this sulfur could only originate from the
sulfamate ion this observation strongly pointed to an oxidation reaction involving the sulfamate ion.
(Marti 1966) shows that the oxidation of the amino group in the sulfamate radical may occur at a
partially polarised or insoluble anode surface. Passivation studies and the effect on nickel deposit
quality were studied under nearly identical conditions to those of (Klingenmaier 1965). Internal
deposit stress data showed that an anode phenomenon occurs at inefficient or insoluble anodes and
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that thus the type of anode used was very important. The oxidation products of the sulfamate ions are
proposed to be nitrogen gas, N2, water and the sulfite ion, SO32-, with the overall scheme as shown in
Equations 2.23 - 2.24
NH2S O−3 + H+ ⇌ NH+3 + S O−3 (2.23)
N2 + 2S O2−3 + 4H+ + 4H2O←Ð 2NH3S O3 + 3H2O +O (2.24)
The first step in 2.23, which is essentially the dissociation equilibrium of sulfamic acid, indicates that
sulfite only forms at very low pH at which sulfamic acid rather than the sulfamate ion predominates.
Such low pH is unlikely for a plating plant, although low pH may be achieved in the vicinity of the
anode if water oxidation takes place, releasing protons into the solution. Hence, a fraction of the
anodic current density may also be carried by the water oxidation reaction.
Further to these reports (Greene 1968) stated azodisulfonate, persulfate, sulfite and sulfate as the
products of anodic sulfamate decomposition at pH 4, based on UV analysis. The former is considered
to be the source of the undesirable ingress of sulfur in the nickel deposits. Oxidation was performed
under galvanostatic conditions at a dimensionally stable platinum anode. The predominance of the
sulfite proposed by (Marti 1966) is not supported here. Insufficient quantities of this species are
detected in solution and also sulfite formation at pH 4 is considered very unlikely. In the sulfamate
ion the sulfur is said to be already in its highest ozidation state of +6, while the oxidation state of the
nitrogen atom can be raised from -3 to -2 to -1 to 0, the latter being nitrogen gas. The first oxidation
step is proposed in which the sulfamate ion is oxidised to hydrazinedisulfonate:
N2H2(S O3)2−2 + 2H+ + 2e− ←Ð 2NH2S O−3 (2.25)
However, hydrazinedisulfonate is said only to be an intermediate species and as such is immeditely
oxidised further to amido nitrogen:
N2(S O3)2−2 + 2H+ + 2e− ←Ð N2H2(S O3)−2 (2.26)
With increasing anodic potentials (magnitudes unspecified) other reactions are possible in which the
amido nitrogen could be oxidised directly from the -3 state to 0, forming nitrogen gas and sulfate
N2 + 2S O2−4 + 8H+ + 6e− ←Ð 2NH2S O−3 + 2H2O (2.27)
Sulfate can be further oxidised to persulfate
S 2O2−8 + 2e− ←Ð 2S O2−4 (2.28)
Finally, azodisulfonate (UV peak at 245 nm) is said to undergo hydrolysis:
N2 + HS O−3 + HS O−4 ←Ð N2S O2−3 + H20 (2.29)
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A more recent study (Zhang & Park 1994) revealed a further oxidation product of sulfamate with a
proposed chemical formula N2H2S2O3, forming at pH 2.0 at potentials positive of +1.8 V versus the
Ag/AgCl reference electrode (+1.755 V vs SCE). The peak reported by (Greene 1968) at 245 nm was
also observed by these authors but was not believed to be generated by azodisulfonate. The formation
of N2H2S2O3 is hypothesised to take place via a long chain of reactions, starting with Reaction 2.30.
N2H2S 2O2−6 + 2H+ + 2e− ←Ð 2NH2S O−3 (2.30)
The subsequent reactions lead to the formation of nitrogen gas, sulfate, hydrogen gas and a plethora
of intermediates containing nitrogen and / or sulfur. The identification of the species observed at 245
nm involved a lengthy procedure. The compound was extracted from the sodium sulfamate solution
by paper chromatography following the removal of sulfite, azodisulfonate and hydrazinedisulfonate
by chemical methods; tests on the sample were performed using fast atomic bombardment mass spec-
troscopy (FAB-MS) to identify the molecular weight of the compound. I.R. spectroscopy was used to
confirm the proposed compound structure. The exact effects of the proposed compound on nickel de-
posit stress have in fact not been identified, however the compound species was found to be reducible
at cathodic potentials below -1.6 V(Ag/AgCl) (-1.645 V(SCE)) . The separation between this poten-
tial and the reversible potential for the NiII/Ni0 couple is over 1 volt, which makes its interference
with the nickel reduction reaction doubtful.
(Novikov, Kurnoskin, Flerov, Shulypin & Ivashkina 1989) studied the oxidation of sulfamate at nickel
anodes under potentiostatic control, calculating dissolution efficiency through changes in anode mass
and accounting for other oxidation processes using gas chromatography (GC) to measure quantities of
gases evolved at the anode. It was determined that at polarisations below +1.1 V(Ag/AgCl) (+1.055
V(SCE)) all the measured current could be accounted for through nickel dissolution. At potentials
exceeding +1.1 V(Ag/AgCl), however, the dissolution efficiency was found to be severely retarded
due to the onset of sulfamate oxidation. No gas was detected, so to explain the decrease in efficiency
this reaction is proposed, in agreement with the scheme of (Greene 1968).
(NHS O3)2−2 + 2H+ + 2e− ←Ð 2NH2S O−3 (2.31)
A decrease in nickel dissolution efficiency was measured as the anodic potential was further increased
above 1.1 V (SCE). In the applied potential range of +1.2 < E / V(Ag/AgCl) / V < +1.4 (+1.155 < E
/ V(SCE) / V < +1.355) nickel dissolution kinetics were constant but then decreased at potentials >
+1.4 V(Ag/AgCl), accompanied by black film formation on the nickel anode. This observation was
associated with the oxidation process in 2.32, also in agreement with the scheme of (Greene 1968)
(NS O3)2−2 + 4H+ + 4e− ←Ð 2NH2S O−3 (2.32)
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At potentials above +1.4 V (Ag/AgCl) nitrogen gas was detected by the GC. The rate of the process,
proposed to follow Equaton 2.33, is said to increase with increasing polarisation.
N2 + 2S O2−4 + 8H+ + 6e− ←Ð 2NH2S O−3 + 2H2O (2.33)
Despite some concrete evidence that the sulfamate ion undergoes oxidation it is not yet possible to
construct a sufficiently reliable potential-pH diagram for a NH2SO3- - H2O system. Thermodynamic
data is not available for sulfamate or the proposed oxidation products. The more recent reports that
are based on potentiostatic experiments indicate that sulfamate oxidation occurs at anodic potentials
close to those of water oxidation and so in the absence of soluble anodes sulfamate oxidation is likely
to occur. It is certain that the anodic oxidation products affect the deposits (stress and brightness in
the deposits change), however, it is not clear whether the nickel deposition efficiency is affected or
what the long term affects of sulfamate oxidation product buildup would be the on nickel deposits.
2.2.2.2 Nickel Chloride Chloride ions are nearly always added to Watts and sulfamate plating
baths and their main function is to promote the corrosion of nickel anodes. It has been found that ca.
3 g dm-3 of nickel chloride are sufficient to prevent passivation of all types nickel anodes (Hammond
1964). Chloride ions also increase the electrolyte conductivity, since they are smaller and more mobile
than NH2SO3- ions (Baudrand 1994). Particularly high concentrations of chloride, however, are not
desirable due to tendency of the halide ions to increase the stress in nickel deposits (Tsuru, Nomura
& Foulkes 2000) with the stress increasing linearly with halide concentration (Barrett 1954). Specific
adsorption of halide ions on the electrode surface is said to interfere with the epitaxial growth of the
deposit, resulting in high stresses, which are strongest on the deposit layer adjacent to the substrate
(Tsuru et al. 2000).
Chemical equilibria (Ji & Cooper 1996)
K = 0.676 Ni2+ +Cl− ⇌ NiCl+ (2.34)
Electrochemical reactions (Bard et al. 1985)
E0 = +1.113 V(SCE) Cl2(g) + 2e− ←Ð 2Cl− (2.35)
E0 = +1.249 V(SCE) HClO + H+ + 2e− ←Ð Cl− + H2O (2.36)
E0 = +1.473 V(SCE) ClO− + 2H+ + 2e− ←Ð Cl− + H2O (2.37)
E0 = +1.345 V(SCE) 2HClO + 2H+ + 2e− ←Ð Cl2(aq) + 2H2O (2.38)
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(Ji & Cooper 1996) studied nickel speciation in aqueous chloride solutions. An array of speciation
diagrams were constructed as a function of pH in solutions containing pure NiCl2 or mixtures of nickel
sulfate-chloride in the absence and presence of boric acid. A nickel(II)-chloride complex, NiCl+, is
found to be present in significant quantities in the acidic pH range when the concentration of NiCl2
exceeds 10-2 mol dm-3. For 0.937 - 3.92 mol dm-3 nickel chloride solutions over the pH range 0-13 the
predominant species are Ni2+ and NiCl+ in the acidic region and Ni(OH)2(s) in the neutral-alkaline
region and all three species may co-exist in the transition region. The concentration of NiOH+ is said
to be negligible until NiCl2 concentrations are below 10-3 mol dm-3.
The speciation of a NiII-Cl--H2O, shown in Figure 2.10, is based on a nickel(II) content of 1 M
and chloride content of 0.3 M, according to the average composition of the nickel sulfamate plating
baths used by The Royal Mint. In the calculations all equilibrium constants were calculated using
the thermodynamic data published in (Bard et al. 1985) except the equilibrium constant for reaction
2.34, which was found in (Ji, Cooper, Dreisinger & Peters 1995). Figure 2.10 shows that in typical
nickel sulfamate eﬄuents on average ca. 10% of the nickel may be complexed by chloride. The
electrochemistry of the Cl--H2O system is shown in Figure 2.11. Chloride ions are directly oxidisable
to chlorine gas, hypochlorous acid and hypochlorite.
2.2.2.3 Boric Acid In the absence of complexing agents (examples are ammonium / ammonia
or citrate), which enable nickel electroplating in alkaline, as well as acidic, pH ranges, boric acid
(B(OH)3) is commonly added to plating baths as a buffer. As already mentioned, the NiII reduction
reaction is nearly always coupled with H2 evolution. The effect of H2 evolution is especially strong in
the interfacial region of the cathode, where H+ consumption leads to a rise in local pH. Local pH can
rise to values sufficiently high to form Ni(OH)2 on the electrode, which is undesirable. The primary
function of boric acid is to counteract this pH rise.
Boric acid is a weak acid and its low dissociation constants, as well as electrochemical stability,
make it a suitable buffer. Typical concentrations in industrial nickel electroplating baths are 0.19
- 0.5 mol dm-3 but these are somewhat arbitrary and are essentially determined either by trial and
error experiments or simply by the maximum solubility of the acid at the chosen bath operating
temperature (Baudrand 1996). Insight into the process(es) by which boric acid favourably affects
nickel electroplating has been obtained from the many academic investigations into its speciation in
aqueous solutions, its effect on nickel and proton reduction kinetics and, finally, its effect on the nickel
deposit properties.
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Equilibrium Equation Equilibrium constant Reference
B(OH)3 + H2O⇌ H+ + B(OH)−4
1.02×10-9 (Ingri 1962)
2.00×10-9 (Ingri 1963)
1.00×10-9 (Momii & Nachtrieb 1967)
1.90×10-9 (Mesmer, Baes & Sweeton 1972)
5.81×10-10 (Baes & Mesmer 1976)
2.45×10-9 (Salentine 1983)
1.00×10-9 (Bard et al. 1985)
7.30×10-10 (Perelygin & Chistyakov 2006)
5.40×10-10 (Wagman et al. 1982)
5.80×10-10 (Smith & Martell 1989)
1.18×10-9 AVERAGE
2B(OH)3 ⇌ H+ + B2O(OH)−5 8.91×10-9 (Mesmer et al. 1972)4.36×10-10 (Baes & Mesmer 1976)
3B(OH)3 ⇌ H+ + B3O3(OH)−4 + 2H2O
8.04×10-8 (Ingri 1962)
2.08×10-7 (Mesmer et al. 1972)
9.33×10-8 (Baes & Mesmer 1976)
1.11×10-8 (Salentine 1983)
1.40×10-7 (Bard et al. 1985)
1.07×10-7 AVERAGE
5B(OH)3 ⇌ H+ + B5O6(OH)−4 + 5H2O 1.95×10-7 (Ingri 1962)4.33×10-8 (Salentine 1983)
1.19×10-7 AVERAGE
4B(OH)3 ⇌ 2H+ + B4O5(OH)2−4 + 3H2O 7.76×10-15 (Ingri 1963)1.95×10-15 (Mesmer et al. 1972)
5.01×10-17 (Baes & Mesmer 1976)
3B(OH)3 ⇌ 2H+ + B3O3(OH)2−5 + H2O 1.95×10-17 (Ingri 1963)
B(OH)3 ⇌ H+ + BO(OH)−2 1.00×10-8 (Tilak, Gendron & Mosoiu 1977)5.80×10-10 (Perelygin & Chistyakov 2006)
H2BO−3 ⇌ H+ + BO2(OH)2− 4.0×10-13 (Perelygin & Chistyakov 2006)
HBO2−3 ⇌ H+ + BO3−3 4.0×10-14 (Perelygin & Chistyakov 2006)
Table 2.4: Equilibrium constants for borate speciation, from literature
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The speciation of B(OH)3 in aqueous solutions has been extensively studied using various techniques,
the most popular being potentiometric pH titration and nuclear magnetic resonance (NMR) of 11B. It
is generally accepted that the principal reaction is the fast and reversible hydrolysis of boric acid to
borate, also referred to as monoborate, via reaction 2.39.
B(OH)3 + H2O⇌ B(OH)−4 + H+ (2.39)
Theories of further speciation differ. The first and most widely accepted theory is that, depending on
the total B(OH)3 concentration and solution temperature, a number of polyborate complexes can form
according to a general formula in Equation 2.40 (Baes & Mesmer 1976):
xB(OH)3 ⇌ BxOz(OH)y−3x+y−2z + yH+ + (z − y)H2O (2.40)
where x and y denote the number of boron atoms contained in the polyborate structure and the mag-
nitude of the negative charge, respectively. The existence of polyborates in aqueous solution was
originally inferred from structural studies of crystalline borates. Polyborate complexes considered in
literature are the dimer (x,y = 2,1), trimers (3,1 and 3,2), tetramer (4,2) and pentamers (5,1 and 5,3). It
should be noted that in some publications the polyborate species are written as hydroxide complexes,
Equation 2.41, rather than borate (or boron) ligands coupled via an oxygen bridge like in Equation
2.40:
xB(OH)3 + yOH− ⇌ Bx(OH)y−3x+y (2.41)
The equilibrium constants reported in these publications have been assigned to reactions expressed
in the form of Equation 2.40 in Table 2.4 which shows equilibrium data compiled from some notable
publications. Furthermore, all reaction schemes detailed in this section have been expressed with
respect to H+ and H2O, rather than OH-, for consistency and the equilibrium constants reported in
Table 2.4 were recalculated from published values if those were expressed based on OH – as the
reactant.
In the less frequently encountered theory on B(OH)3 speciation, the three protons in B(OH)3 succes-
sively dissociate via reactions 2.42 - 2.44 and no polyborate species are formed:
B(OH)3 ⇌ BO(OH)−2 + H+ (2.42)
BO(OH)−2 ⇌ BO2(OH)2− + H+ (2.43)
BO2(OH)2− ⇌ BO3−3 + H+ (2.44)
The works of (Ingri 1962), (Ingri 1963), (Momii & Nachtrieb 1967), (Mesmer et al. 1972), (Smith &
Wiersema 1972), (Tilak et al. 1977), (Bassett 1980), (Salentine 1983), (Bard et al. 1985), (Ishihara,
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Nagasawa, Umemoto, Ito & Saito 1994), (Li, Li & Gao 2000) and (Perelygin & Chistyakov 2006)
form the basis of the discussion regarding which borate species are relevant to the nickel sulfamate
electroplating process and the reported equilibrium constants are summarised in Table 2.4, where
relevant.
In a noteable publication by Ingri (Ingri 1962), who studied boric acid speciation at concentrations in
the range 0.01 - 0.6 M, in weak (0.1 M) and concentrated (3 M) sodium perchlorate electrolytes at
25oC using potentiometric pH titration, two schemes of boric acid speciation were proposed, which
are shown in equations 2.45 and 2.46.
(B(OH)3)total = B(OH)3 + B(OH)−4 + B3O3(OH)−4 + B5O6(OH)−4 (2.45)
(B(OH)3)total = B(OH)3 + B(OH)−4 + B3O3(OH)−4 + B4O5(OH)−3 (2.46)
It is reported that at total boric acid concentrations below 0.2 M only B(OH) –4 and the trimer
B3O3(OH) –4 are formed. However, at higher concentrations the formation of at least two polynu-
clear borate complexes were inferred, each bearing a charge of minus one. Equilibrium constants
for each ion have been calculated for both schemes, however, that author favours scheme I due to
better agreement with experimental data and so only these constants are reported in Table 2.4. It is
noted, however, that because polyborate formation is favoured by increase in the total boric acid con-
centration, B(OH)3 concentrations above 0.6 M must be employed to achieve greater certainty of the
particular scheme. It is also useful to note that very little dependence of the equilibrium constants on
the ionic strength of the solution was observed.
In a subsequent publication (Ingri 1963), a higher boric acid concentration range of 0.6 - 3.0 M was
used to facilitate studies of more complex ion formation and calculation of their speciation. The
author states that over this concentration range the medium is sufficiently concentrated to allow for
the assumption that all the B(OH)3 exists as the monoborate ion B(OH)
–
4 , from which all polyanion
formation subsequently proceeds according to a general reaction scheme 2.47. For this reason the
solution is referred to as a ’self-medium’, meaning that it consists predominantly of the reactant (in
this case B(OH) –4 ):
qB(OH)−4 + pH2O⇌ Hp(B(OH)4)p−qq + pOH− (2.47)
In this self-medium the formation of species bearing a charge of minus two is considered. Based
on the findings the formation of a tetranuclear complex B4O5(OH)42- is proposed. This complex
is favoured over the pentamer, B5O6(OH)63-, which was considered less likely due to its complex
structure and relatively low abundance in nature compared to the tetramer, which can be found in
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borax, Na2B4O5(OH)4(H2O)8. The formation of a trimer, B3O3(OH)52-, was also reported as likely.
Equilibrium constants of trimer and tetramer formation are presented in Table 2.4.
On the basis of potentiometric titration experiments in a KCl medium over a range of ionic strengths
in the presence of boric acid at 0.02 - 0.6 mol dm-3, Mesmer and co-workers (Mesmer et al. 1972)
supplement the earlier speciation scheme of Ingri (Ingri 1962) with a fourth polyborate, the dimer
B2O(OH) –5 , as it was found that at least three polymeric species were required to account for all the
data. However, the investigations were made over a temperature range of 50 - 200oC and it was noted
that at the lower temperature boundary the effect of B2O(OH) –5 was not of significance. Hence, it
can be assumed that at 25oC the speciation scheme reduces to that of (Ingri 1962). Nonetheless, the
authors make a correction to the equilibrium constants reported by Ingri at 25oC, taking the presence
of B2O(OH) –5 into account; the constants are reported in Table 2.4. On the whole, polyborate forma-
tion is only detected at total B(OH)3 concentrations above 0.03 mol dm-3. No species with a charge
greater than minus one are invoked. Finally, the authors also highlight only a small dependence of
equilibrium constants on the ionic strength of the solution.
An alternative study of nuclear magnetic resonance (NMR) of 11B was employed by (Momii &
Nachtrieb 1967) for the investigation of borate speciation in sodium pentaborate, NaB5O8, solutions
in the concentration range 0.1 - 0.4 M. NMR data was best explained with equilibria involving one
monomer, one trimer and one pentamer all bearing a charge of minus one. Conclusions were drawn
from observations of two field lines, with the lower field line (1.1 ppm) being attributed to the rapid
exchange of 11B between the B(OH)3, B(OH)
–
4 and B3O3(OH)
–
4 species, while the higher field line
(15.0 ppm) was assumed to be caused by the presence of the pentamer B5O6(OH) –4 , which is said to
have a considerably slower formation rate than B(OH) –4 and B3O3(OH)
–
4 . The choice of the pentamer
was based on the ratio of the amplitudes of the high and low field peaks, which was used to estimate
the relative number of B atoms in B5O6(OH) –4 , as compared with the total in H3BO3, B(OH)
–
4 and
B3O3(OH) –4 .
NMR spectra of 11B was further investigated and qualitatively analysed by (Smith & Wiersema 1972)
who observed up to three lines in sodium pentaborate solutions at concentrations between 0.2 mol
dm-3 and saturation (concentration unspecified). Only one line (at ca. 1 ppm) was observed at pentab-
orate concentrations below 0.03 mol, two lines (1ppm and 5 ppm) at concentrations up to 0.2 mol
and three lines (1 ppm, 5 ppm and ca. 18 ppm) above 0.2 mol dm-3. It is postulated that the first
peak is generated by the B(OH)3 and B(OH)
–
4 species, the second by B3O3(OH)
–
4 (in contrast to
(Momii & Nachtrieb 1967) who assume this complex was also responsible for the first peak) and
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the third by B5O6(OH) –4 . While insufficient analysis is provided for any concrete conclusions to be
drawn, it maybe possible that the lower magnetic field strength of 14 MHz available to (Momii &
Nachtrieb 1967) did not permit the resolution between the peaks at 1 and 5 ppm and so the separate
line caused by the trimer, which was observed by the present authors with a field strength of 82 MHz,
remained undetected. In conclusion, the overall trend is that larger polyborates generate spectral lines
at higher fields.
A more recent study by (Salentine 1983) of the 11B NMR spectra, the results in sodium pentaborate
solutions at concentrations in the range 0.03 - 0.3 mol dm-3 again show up to three lines. Similarly to
(Smith & Wiersema 1972), the lines are assigned to boric acid and borate, the trimer and the pentamer.
The pentamer formation is detected at pentaborate concentrations as low as 0.1 M but given that up to
90% of the potassium borate is said to dissociate immediately, this concentration can be assumed to
correspond to a total borate concentration of 0.45 mol dm-3. The trimer formation is detected at and
above total borate concentrations of 0.2 mol dm-3. However, the assignment of peaks is completely
the opposite to that of (Momii & Nachtrieb 1967) and (Smith & Wiersema 1972) because boric acid
and borate are said to be responsible for the line at 18 ppm (not at 1ppm), the trimer at 13 ppm
(not at 5 ppm as reported by (Smith & Wiersema 1972)) and the pentamer at 1ppm (not at 18 ppm).
A further conclusion was that at 25oC the alkali cation has very little effect on formation equilibria
(potassium pentaborate was also explored). Although B(OH)4- was assumed to be the reactant rather
than B(OH)3, equilibrium constants were calculated from areas under the spectral peaks and as such,
the constants can be assigned to reactions expressed in the form of Equation 2.40.
(Ishihara et al. 1994), who also used used B11 NMR to study the theromodynamics and kinetics of the
boric acid - borate equilibrium, found, in agreement with previous publications, that no polyborate
formation occurs at total boric acid concentrations below 0.025 mol dm-3.
Most publications relating to NMR studies of 11B consider the reaction schemes for polyborate for-
mation with both B(OH) –4 and B(OH)3 as the reactants:
xB(OH)3 +wB(OH)−4 ⇌ Bx+wO( 3x+3w2 )(OH)w−4 + (3x + 3w2 ) H2O (2.48)
The equilibrium constants derived semi-theoretically based on these schemes cannot be assigned to
the form of Equation 2.40 and as such are not listed in Table 2.4. However, the qualitative conclusions
remain of value.
The thermodynamic constants provided in (Perelygin & Chistyakov 2006) describe boric acid speci-
ation based on the successive proton dissociation from B(OH)3 theory. It should be noted, however,
that this publication provides only computational analysis of speciation based on constants obtained
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from other sources, which could not be accessed. The equilibrium constants, reported in Table 2.4,
for the dissociation of B(OH)3 to BO(OH)
–
2 and B(OH)
–
4 are very similar in magnitude so they are
likely to be the same ion, as suggested by (Bassett 1980). The existence of the BO33- is mentioned in
a fluoroborate formation scheme by (Marti 1966) when studying the effect of the fluoride halogen on
internal stresses in nickel sulfamate deposits.
Thermodynamic equilibrium constants for the formation of species discussed above that have been
reported in some other publications are also listed in Table 2.4.
According to Tilak (Tilak et al. 1977) boric acid is not alone responsible for the buffer capacity in boric
acid solutions that also contain nickel. pH titration was used to examine the buffer capacity of a typical
electroplating bath and it was observed that the buffer capacity increases as the concentrations of both
the nickel ion and boric acid were increased in the pH range 4 - 5.5; the buffer capacity increases
exponentially with boric acid concentration (0-0.6 M) and linearly with nickel concentration (0.1-0.5
M). Specific interaction between nickel(II) and boric acid in aqueous solutions via reactions 2.49 -
2.50 and possible formation of a weak nickel-borate complex, Ni(H2BO3)2, with (logK ca. 3.8-4.9) is
proposed to account for the buffer capacity of mixed solutions. The equilibrium constants are reported
in Table 2.4, however it should be noted that the experiments were conducted at 55oC.
B(OH)3 ⇌ H+ + H2BO−3 (2.49)
Ni2+ + 2H2BO−3 ⇌ Ni(H2BO3)2 (2.50)
This theory is invoked and supported in a study of interfacial pH at the cathode during nickel elec-
trodeposition (Ji et al. 1995), which however has greater relevance to the discussion in section 2.3.2.3.
From Table 2.2 it can be seen that the average boric acid concentration in nickel sulfamate eﬄuents of
interest to this study do not exceed 0.4 mol m-3. Based on this and on the preliminary assumption that
nickel solutions will not be heated during nickel recovery it is concluded, according to the monoborate
and polyborate speciation theory, that the total boric acid concentration can be expressed as follows:
B(OH)3 total = B(OH)3 + B(OH)−4 + B3O3(OH)−4 + B5O6(OH)−4 (2.51)
Speciation in B(OH)3-H2O solutions and NiII-B(OH)3-H2O solutions for a total boric acid concentra-
tion of 0.19 mol dm-3 and total nickel(II) concentration of 1 mol dm-3 are shown in Figures 2.12 and
2.13, respectively.
It does appear that the presence of NiII and the formation of Ni(H2BO3)2 maximises the buffering
capability of the plating bath. The nickel borate complex is the only borate species which forms at
pH below 6, i.e. at a lower pH than the formation of Ni(OH)2.
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Figure 2.12: Thermodynamic speciation of a B(OH)3-H2O system for a total boric acid concentration
of 0.19 M. Equilibrium constants used in the calculations were the average values listed in Table 2.4.
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Figure 2.13: Thermodynamic speciation of a NiII-B(OH)3-H2O system for a total nickel(II) concen-
tration of 1 M and total boric acid concentration of 0.19 M. Equilibrium constants used in the cal-
culations were the averages values listed in Table 2.4; the equilibrium constant for the nickel-borate
complex is that published in (Tilak et al. 1977)
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2.2.2.4 Contaminants Besides nickel(II), sulfamate, chloride and borate ions a number of other
species may be found in the nickel sulfamate plating eﬄuents, which, although will be present in
relatively small quantities, can nonetheless impact the nickel recovery process.
The speciation of systems containing nitrogen is particularly complex. As already discussed, the
electrochemistry of the sulfamate ion is not yet well understood. However, the certainty that nickel
sulfamate electroplating waste eﬄuents contain ammonium ions, else they would not be eﬄuents,
introduces complications. First of all, ammonium / ammonia is in fact a well known complexing
agent in nickel plating baths and as such is sometimes added on purpose in order to extend the pH
range over which nickel(II) remains soluble.
Chemical equilibria (Bard et al. 1985)
K =5.605×10-10 NH+4 ⇌ NH3 + H+ (2.52)
K =5.502×10-19 Ni(OH)2(s) + 4NH+4 ⇌ Ni(NH3)2+4 + 2H+ + 2H2O (2.53)
K = 3.644×1019 Ni(OH)2(s) + 6NH3 + 2H+ ⇌ Ni(NH3)2+6 + 2H2O (2.54)
Electrochemical reactions (Bard et al. 1985)
E0 = +0.405 V(SCE) Ni(NH3)2+4 + 4H+ + 2e− ⇌ Ni0 + 4NH+4 (2.55)
E0 = +0.925 V(SCE) Ni(NH3)2+6 + 6H+ + 2e− ⇌ Ni0 + 6NH+4 (2.56)
E0 = -0.713 V(SCE) Ni(NH3)2+6 + 2e− ⇌ Ni0 + 6NH3 (2.57)
The equilibrium between ammonium ions and ammonia (Equation 2.52) is at a pH of ca. 9; the first
complex between nickel(II) and the ammonium ion, [Ni(NH3)4]2+, will form below this pH and the
second complex between nickel(II) and ammonia,[Ni(NH3)6]2+, will form at higher pHs. The effect
of ammonium addition to a NiII-H2O system is shown in the speciation diagram in Figure 2.14. To
represent the eﬄuent system the concentration of ammonium ion was taken to be 5 g dm-3 (0.277
mol dm-3). At this concentration the thermodynamics of the aqueous nickel system are virtually
unaffected. An extreme case when the addition of ammonium is sufficient to extend the solubility of
nickel(II) into the alkaline pH range is shown in the potential-pH diagram in Figure 2.15.
This effect of ammonium ions on nickel electroplating is, however, given here purely for complete-
ness. The acidic pH at which the eﬄuents are generated would require specific modification in order
to bring it into the alkaline range of nickel(II) solubility. This would be an unnecessary complication
to the recovery process and hence under normal nickel(II) recovery conditions the complexes are not
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calculations were found in (Bard, Parsons & Jordan 1985)
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expected to form. Both the ammonium ion and ammonia are, however, reactive species in their own
right and are likely to undergo direct anodic oxidation or indirect chemical oxidation to nitrogen gas
and / or to nitrate ions in the presence of a dimensionally stable anode.
Ammonium oxidation principally to nitrogen gas via reaction 2.58 is a benign process in the case of
nickel recovery that will not generate any harmful bi-products. Nitrogen gas will bubble out of the
solution and thus no redox loop will be setup. In fact, ammonium / ammonia-contaminated solution,
the disposal of which is also severely restricted by environmental legislation, has been successfully
treated by selective oxidation to nitrogen.
E0= +0.029 V(SCE) N2 + 8H+ + 6e− ←Ð 2NH+4 (2.58)
The various other direct ammonium ion / ammonia oxidation schemes including all the likely inter-
mediate species are shown in Figure 2.16
NH3
NH4+
NH2OHads NOHads NO
N2
NO2- NO3-
N2O N2
Figure 2.16: Oxidation routes for ammonia / ammonium (Kim et al. 2005)
Whilst the oxidation reactions of both ammonium ion and ammonia to nitrogen gas and nitrate are
supported thermodynamically, it is generally documented that ammonia is more readily oxidisable
than the ammonium ion; the oxidation process is accelerated by pH increase. The species are purport-
edly required to specifically adsorb at the electrode surface prior to undergoing oxidation (Halseid,
Wainright, Savinell & Tunold 2007), (Kim, Kim, Kim, Park & Lee 2005), (Kapalka, Cally, Neodo,
Comninellis, Maechter & Udert 2010) and (Li, Feng, Zhang, Zhao, Lei, Chen & Sugiura 2009), and,
naturally, the anodic adsorption of the neutral ammonia is electrostatically more favourable than that
of the ammonium cation. (Kapalka et al. 2010), who studied ammonium / ammonia oxidation in
sodium perchlorate solutions in the pH range 5 - 11 under galvanostatic control, found that the solu-
tion pH must be above 7 for a direct oxidation process to commence. At this pH and above nitrogen
gas (predominantly) as well as nitrate and nitrite ions were detected. Similar results were obtained
earlier by (Kim et al. 2005), who used the reaction in Equation 2.59 to show that ammonia oxidation
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is promoted by the presence of OH- ions.
1
2
N2 + 3H2O + 3e− ←Ð NH3 + 3OH− (2.59)
While few studies, such as that by (Halseid et al. 2007), find that the ammonium ion in acid solution
does undergo a small degree of direct anodic decomposition ample evidence supports indirect oxida-
tion of the ammonium ion to nitrogen and nitrate in the presence of chloride ions. Indirect chemical
oxidation of the ammonium ion in the vicinity of the anode electrode is a consequence of the oxidation
of chloride ions to hypochlorous acid, as shown in Equations 2.60 - 2.61, (Li & Liu 2009).
2NH+4 + 3HOClÐ→ N2 + 3H2O + 5H+ + 3Cl− (2.60)
2NH+4 + 4HOClÐ→ NO−3 + H2O + 6H+ + 4Cl− (2.61)
Nitrate formation is said to be favoured by higher chloride concentrations and higher current densities
(Li, Feng, Zhang, Zhao, Lei, Chen & Sugiura 2009), in agreement with the potential pH diagram. The
occurrence of the latter reaction was supported by the finding that the reduction rate of nitrate (studied
in solution that also contained ammonium / ammonia), which was calculated via measurements of
change in nitrate concentration in solution under galvanostatic control, was much reduced in the
presence of chloride ions (Li & Liu 2009) throughout the pH range 3-12.
Of all the reactions discussed thus far it is the possible formation of nitrate that is of greatest concern
to the nickel electrodeposition process. It is not unreasonable to suppose that, as well as forming
by the oxidation of ammonium, nitrate may, in principle, by analogy with reaction 2.33, also form
as a result of direct sulfamate oxidation via reaction 2.62, albeit it will be expected to commence at
more positive potentials than those at which nitrogen gas is detected, judging by the larger electron
stoichiometry of the reaction.
NO−3 + S O2−4 + 10H+ + 8e− ←Ð NH2S O−3 + 4H2O (2.62)
When the nitrate ion is reduced at the cathode via the widely accepted reactions in Equations 2.63 -
2.65, hydroxide ions are liberated in every instance.
NO−3 + H2O + 2e− → NO−2 + 2OH− (2.63)
NO−3 + 7H2O + 8e− → NH+4 + 10OH− (2.64)
NO−2 + 6H2O + 6e− → NH+4 + 8OH− (2.65)
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The accumulation of OH- ions at the electrode surface in the presence of nickel(II) ions can readily
cause Ni(OH)2 to precipitate on the surface via reaction 2.66:
Ni2+ + 2H2OÐ→ Ni(OH)2 + 2H+ (2.66)
with the overall reaction 2.67, as presented in (Ho & Jorne 1990) who studied the simultaneous
nickel-nitrate reduction process in the pH range 3.0-4.5:
2NO−3 + 14H2O + 9Ni2+ + 16e− → 9Ni(OH)2 + 2NH+4 + 2OH− (2.67)
NO3-
OH- Ni2+
Ni(OH)2
NH4+ & NO2-
Figure 2.17: Schematic of nickel hydroxide
formation in the presence of cathodic nitrate
reduction (Ho 1987)
In fact, the simultaneous reduction of nitrate is ad-
vantageously used in the production of nickel hy-
droxide for use in positive electrodes in nickel-
metal hydride or alkaline rechargeable batteries (Ash,
Paramguru & Mishra 2010). Porous nickel sin-
tered plates are soaked in nickel nitrate solutions and
are subsequently cathodically polarised to achieve
nitrate reduction which then leads to the precipi-
tation of nickel hydroxide in the pores (Portemer,
Delahaye-Vidal & Figlarz 1992). The process is
shown schematically in Figure 2.17.
(Ash et al. 2010) studied reactions 2.63, 2.64 and 2.65 at a stainless steel cathode under galvanostatic
conditions in nickel nitrate solution of pH 3.0. Nitrate and nitrite concentrations were calculated using
the magnitude of their respective absorption maxima at 300 nm (Gvozdic, Tomisic, Butorac & Simeon
2009) and 543 nm using a UV-vis spectrophotometer. The standard potentials for these reactions are
given as -0.235, -0.365 and -0.41 V (SCE), respectively. All three are positive of the standard potential
for the Ni2+/Ni0 couple at -0.485 V (SCE), indicating that together with the simultaneous reduction of
protons the interfacial pH at the cathode may be expected to increase dramatically relative to the bulk
before nickel reduction commences. The nitrite ion, NO2-, is said to be an unstable intermediate with
a short lifetime. In most publications on nitrate reduction it is observed that the concentration of nitrite
ions tends to go through a maximum and then decline, resulting in an increase in the concentration of
ammonium ions. (Genders, Hartsough & Hobbs 1996) further report on the oxidisable nature of the
nitrite intermediates, which may be converted to nitrogen gas and nitrous oxide via reactions 2.68 and
2.69,respectively.
NO−2 + 2H2O + 3e− → 12N2 + 4OH− (2.68)
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and
2NO−2 + 3H2O + 4e− → N2O + 6OH− (2.69)
The current efficiency for nitrate reduction at pH 3.0 was found to be as high as 93.3%. (Subbaiah,
Mallick, Mishra, Sanjay & Das 2002) report that nitrate ions may also undergo reduction to nitrous
acid, Equation 2.70, and hydroxalamine, Equation 2.71:
2NO−3 + 4H+ + 4e− → 2HNO2 + 2OH− (2.70)
NO−3 + 5H+ + 6e− → NH2OH + 2OH− (2.71)
The second product of the hydrolysis of the sulfamate ion is the sulfate ion, SO42-. This ion may
be further introduced into the plating solution if the steel blanks are not thoroughly rinsed following
their etching in sulfuric acid or if the nickel salts which are used to make up the bath are impure.
The aqueous speciation of sulfuric acid has been given earlier in Figure 2.9, based on the equilibrium
constants of (Smith & Martell 1989). Sulfuric acid is of course a very strong acid with a pKa of -3 and
is always fully dissociated in nickel plating solutions. Depending on the pH, however, the hydrogen
sulfate and sulfate species may co-exist in the plating solution. If the bulk pH of the solution is
below ca. 3.5 this equilibrium may become important during cathodic hydrogen evolution as the
dissociation of hydrogen sulfate will produce additional protons to those in the bulk. Furthermore,
several publications invoke a possible chemical equilibrium between nickel(II) and sulfate ions. The
equilibrium constants for this reaction reported in literature are given in Table 2.5. The sulfate ion
Equilibrium Equation Equilibrium constant Reference
S O2−4 + H+ ⇌ HS O−4 1.44 (Ji & Cooper 1996)
98.56 (Bard et al. 1985)
Ni2+ + S O2−4 ⇌ NiS O4(aq) 3.72 (Ji & Cooper 1996)
5.885×10-3 (Bard et al. 1985)
Table 2.5: Equilibrium constants representing the NiII-H2SO4 system
is very stable electrochemically. With the sulfate content in the eﬄuent taken to be about double of
the ammonium concentration (to account for contamination other than by sulfamate hydrolysis), i.e
10 g dm-3 (0.1 M) the speciation for a NiII-H2SO4-H2O system based on the thermodynamic data of
(Bard et al. 1985) is shown in Figure 2.18. Unlike chloride, sulfate is evidently not a strong nickel(II)
complexant. Nickel sulfate complex concentrations in the eﬄuent are not expected to exceed 0.06%
of the total nickel(II). An overview of the speciation of nickel(II) in the industrial eﬄuent under
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Figure 2.18: Thermodynamic speciation of a NiII-H2SO4-H2O system at 298 K, 1atm. for a total
nickel(II) concentration of 1 M and sulfate concentration of 0.1 M
investigation in this thesis is presented in Figure 2.19. The speciation diagram represents the NiII-
NH3SO3-Cl--H3BO3-H2SO4-H2O system. Ammonium was excluded as it is not relevant to the acidic
pH range.
Figure 2.19 shows that predominant nickel(II) species in the pH range 0-6 are Ni2+, NiCl+ and
Ni(H2BO3)2, with the remaining species NiOH+ and NiSO4 each contributing less than 0.05% to
the total nickel(II) concentration.
Finally, of crucial importance is the contamination of nickel sulfamate plating eﬄuents by iron. Iron
contamination is frequently encountered due to its introduction into the plating bath through the dis-
solution of equipment, dissolution of basis metal, improper cleaning, hard water, drag-in, salt and
impurities (Marti 1966). It cannot be said a priori whether the iron contained within the eﬄuent is
iron(III) or iron(II), hence both the iron(III) speciation and iron(II) speciation in aqueous solution are
shown in Figure 2.20. It is evident that at iron concentrations as low as 5×10-2 mol dm-3 (based on
the concentration reported in Table 2.2) the equilibrium between Fe2+ and the Fe(OH)2 precipitate
(Equation 2.72) is above pH 7, meaning that in the nickel sulfamate eﬄuents Ni(OH)2 should form
before Fe(OH)2. However the potential-pH diagram for the FeII-H2O, shown for this concentration
in Figure 2.21, indicates formation of passive structures Fe(OH)3(s), Fe2O3 and Fe3O4 well before
pH 7, at potentials positive of the Fe2+/Fe0 reversible potential. This restricts the range of electrode
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Figure 2.19: Thermodynamic speciation of a NiII-NH3SO3-Cl--H3BO3-H2SO4-H2O system based
on equilibrium constants from various literature; total concentrations: [NiII]=1M, [HCl]=0.3M,
[H3BO3]=0.19M and [H2SO4]=0.1M. Figure (a) = Figure (b) at different scales.
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potentials over which the electrochemistry of nickel deposition / dissolution can be studied without
the possibility of Fe(II) precipitation, particularly in the absence of boric acid.
Chemical equilibria (Bard et al. 1985)
K =1.688×10-22 Fe2+ + 2H2O⇌ Fe(OH)2(aq) + 2H+ (2.72)
K =4.907×10-14 Fe2+ + 2H2O⇌ Fe(OH)2(s) + 2H+ (2.73)
K =2.440×10-10 Fe2+H2O⇌ FeOH+ + H+ (2.74)
K =0.589 2Fe3+ + 3H2O⇌ Fe2O3 + 6H+ (2.75)
K =1.055×10-4 Fe3+ + 3H2O⇌ Fe(OH)3 + 3H+ (2.76)
Electrochemical reactions (Bard et al. 1985)
E0 = +0.766 V(SCE) Fe(OH)3(s) + 3H+ + e− ⇌ Fe2+ + 3H2O (2.77)
E0 = +0.537 V(SCE) Fe2O3 + 6H+ + 2e− ⇌ 2Fe2+ + 3H2O (2.78)
E0 = +0.832 V(SCE) Fe3O4 + 8H+ + 2e− ⇌ 3Fe2+ + 4H2O (2.79)
E0 = -0.719 V(SCE) Fe2+ + 2e− ⇌ Fe0 (2.80)
E0 = +0.530 V(SCE) Fe3+ + e− ←Ð Fe2+ (2.81)
2.2.3 Nickel Electroplating Waste Management
Meeting waste regulations is becoming increasingly difficult and expensive; it is reported that over
the last two decades many smaller scale plating workshops have ceased to operate for this reason
(reduced by a factor of 4 in the US) (Yoshikubo 2007). The aforementioned motivations for recovery
and re-cycling of heavy metals from waste solutions in particular have lead to development of several
techniques applicable to solving industrial problems. Electrochemical recovery is by no means the
sole method by which eﬄuents could be purified of nickel(II) to the concentrations levels required for
environmentally acceptable disposal. While the method of electrochemical recovery has significant
advantages over the other methods that render it the preferred technique some industrially imple-
mented alternatives deserve a brief mention. Some benefits and limitations of the electrochemical
technique in general and in relation to other methods are shown in Tables 2.6 and 2.7.
Precipitation is a chemical treatment method in which oxidising agents in the form of hydroxides
or sulphides are added to concentrated spent solutions to promote nickel precipitation as Ni(OH)2
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Treatment
technology
Removal mechanism Energy
cost
Treatment
cost
Waste
disposal
Applications
Electrodeposition Electrolytic reduction /
deposition
Medium Medium Very
low
Small hydraulic flow,
high [NiII]
Hydroxide pre-
cipitation
Selective precipitation High Medium High Large hydraulic flow,
high [NiII]
Thiocarbamate
precipitation
Selective precipitation Medium High Medium [NiII] < 50 mg l-1
Ion exchange Separation by adsorp-
tion
Low High Very
high
Large hydraulic flow,
low [NiII]
Electro-
dialysis
Separation due to elec-
tropotential
Low Medium Very
low
Rinse waters, nickel for
recovery or re-use
Table 2.6: Summary of nickel recovery processes and relative costs (Ying 1988). Waste disposal
refers to the quantities of waste which still require secondary treatment after the primary treatment
methid is applied.
The Many Advantages
• Electrons are clean reagents (at least at their source of supply)
• Effective control of the electron transfer rate (via applied current or electrode potential)
• The process can be turned on and off via the current
• Can often use benign (e.g., ambient) conditions of temperature and pressure
Possible Limitations
• Chemical reactions, corrosion, adsorption, etc., at electrode surfaces can cause complications
• Damage to electrodes and membranes via, e.g., corrosion and fouling, can restrict performance and
longevity
• Many research workers have little industrial/large-scale experience of electrochemical technology,
hindering technology transfer
• Some industrial sectors have limited knowledge or experience of electrochemical technology
• There are relatively few showcases for the technology
Table 2.7: The advantages and limitations of electrochemical technology (Walsh 2001)
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or NiS(II). After settling, the precipitate is removed as sludge. For dilute solutions where nickel(II)
concentration is less than 50 mg dm-3, precipitation is achieved using xanthate or thiocarbamate.
The disadvantage of all precipitation methods is that they require the addition of extra chemicals
(particularly in the presence of a buffer such as boric acid) and the costly disposal of sludge (Ying
1988).
Electrodialysis is method for re-generating waste solutions for re-use rather than for metal recovery
(Koene & Janssen 2001). A schematic of an electrodialysis cell for the regeneration of spent nickel
plating solution accommodating a single membrane pair is shown in Figure 2.22. The principle is to
separate the free Ni2+ ions from the undesirable chemicals accumulated in the bath; this method only
works when undesirable species are anions. Waste solution is passsed through a flow-by parallel plate
electrochemical reactor containing an array of alternating anion and cation permeable membranes
between the cathode and the anode. A small electric field is applied between the plates to promote
migration of the anions (the field may be made sufficiently small so as not to cause any interfacial
processes at the electrodes; alternatively it may be sufficiently high so as to cause migration and
also trigger surface processes (Li, Zhao, Tsuru, Zhou & Matsumara 1999)). Under the influence
of the field the ions become depleted in the central compartment, with the cations concentrating in
the cathodic compartment and anions in the anodic compartment. The separated solutions are then
extracted through different outlets and the Ni2+ solution can then in principle be re-used in the plating
bath. This method is more useful to electroless plating eﬄuents where Ni2+ requires separation from
the HPO22- anion (Li et al. 1999), or for treatment of chromic acid electroplating baths (Walsh 2001),
for example. However, in the case of the nickel sulfamate eﬄuents where NH4+ requires separation
from both Ni2+ and NH2SO3-, this technique would not be of much use.
Finally, ion exchange resins are often used for recovery of metal ions from aqueous solution. The
resins are made of a porous polymer substrate where the pores contain sites of adsorbed ions. When
nickel ions are passed over the surface the resin exchanges its originally adsorbed ions for nickel ions.
The nickel collected on the resin can be desorbed by an acid/alkali reagent. However, in practice it is
not possible to remove 100% of the nickel from the resins; hence they have short lifetimes and have
to be replaced frequently.
In summary, electrochemical recovery of nickel from plating wastewaters is the preferred treatment
method due to the fact that pure metal may be recovered without the necessity of disposal of nickel
containing sludge or regeneration of nickel-loaded saturated ion exchanger resin (Njau & Janssen
1995).
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Figure 2.22: A schematic of an electrodialysis cell for the regeneration of spent nickel plating solution
accommodating a single membrane pair
2.3 Fundamentals of Nickel(II) Electrodeposition
2.3.1 Principal Electrode Reactions
Analysis of chemical speciation in the nickel sulfamate waste solution and consideration of electro-
chemical thermodynamics has revealed that in the event of simultaneous oxidation of the sulfamate,
chloride and ammonium ions directly at or in the vicinity of a dimensionally stable anode a plethora
of species containing nitrogen and sulfur may form. The effect of these species on the efficiency and
quality of the nickel deposition process is largely unknown. It is, however, more likely than unlikely
that some or most of the species will undergo a degree of reduction at the cathode and thereby lower
the current efficiency of NiII reduction and possibly contribute to the degradation of the nickel de-
posit structure. The only well understood effect is that of nitate reduction during which the increased
levels of hydroxide ions at the interface cause the precipitation of Ni(OH)2 on the electode surface
- certainly detrimental and undesirable. The formation of all species other than ammonium and sul-
fate ions, which form chemically by sulfamate hydrolysis in bulk solution, may be entirely prevented
through the isolation of the nickel sulfamate liquor from the anode. This can be readily accomplished
with the aid of a cation-permeable membrane, as shown in Figure 2.23, which will prohibit the elec-
tric field-driven passage of NH2SO3- and Cl- into the anode compartment. In such an event the only
electrochemical reactions that will be expected to occur at the cathode are the reduction of NiII, H+,
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H2O and dissolved O2 ions via the overall reactions 2.82 - 2.85:
NiII + 2e− Ð→ Ni0 (2.82)
2H+ + 2e− Ð→ H2 (2.83)
2H2O + 2e− Ð→ H2 + 2OH− (2.84)
O2 + 4H+ + 4e− Ð→ 2H2O (2.85)
Dissolved oxygen is always present in solution at a typical concentration of ca. 2.5×10-4 mol dm-3
(Grande & Talbot 1993), unless efforts are made to specifically remove it. It enters water either
through contact with the atmosphere or via the anodic oxygen evolution reaction. Dissolved oxygen
may be removed from the electrolyte by methods such as boiling at various pressures, sparging with
inert gases such as nitrogen or argon, sonication or addition of chemicals such as titanium citrate
(Butler, Schoonen & Rickard 1994). Nitrogen purging is generally found to be the most effective
method and is certainly one of the more practical ones at laboratory scale. In experiments performed
by (Butler et al. 1994) dissolved oxygen (DO) concentrations in deionized water have been measured
as a function of time in the presence of a continuous N2 stream. In a volume of 1 dm3 and at an
N2 flow rate of 25 cm-3 s-1, the dissolved oxygen concentration was measured to be as low as ca.
0.55 ppm after 5 minutes, 0.35ppm after 10 minutes; the minimum DO concentration achievable was
reported to be ca. 0.22 ppm.
As with the anodic reactions discussed earlier, there are no foreseeable benefits from reaction 2.85;
the straightforward minimization of interference from DO reduction during nickel deposition studies
is therefore seen as imperative. The usual N2 electrolyte purging time used by researchers prior to
the start of electrochemical kinetic experiments is ca. 20-30 minutes. The fastest removal rate can be
achieved when N2 is introduced into solution through a fine sintered glass purger; small N2 bubbles
critically aid DO removal (Butler et al. 1994).
With the electrochemical thermodynamics for the entire nickel sulfamate eﬄuent system theoretically
simplified with the aid of a cation permeable membrane and the removal of the contribution from
dissolved oxygen with the aid of an N2 gas stream and with now only three cathodic reactions (2.82
- 2.84) left to consider attention will be turned to the current density versus potential characteristics
for each of those reactions. It should be mentioned here that if the nickel sulfamate eﬄuent is indeed
confined to the cathode compartment an alternative solution will have to constitute the anolyte. At
present it will be assumed that the anolyte composition will be such as to make the oxidation of water
(Equation 2.15) the sole anodic reaction, generating only O2 gas and protons. The cation-permeable
membrane should also act as a barrier to the movement of oxygen bubbles into the catholyte.
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Figure 2.23: The function of a cation permeable membrane during cathodic treatment of the nickel
sulfamate plating eﬄuent
2.3.2 Kinetic Models of Electrode Reactions
While electrochemical thermodynamics quantify process energetics and provide information regard-
ing possible overlaps between reactions the kinetics describe the current densities that are generated
by individual reactions in response to changes in the electrode potential. The difference between the
reversible potentials for the H+/H2 and Ni2+/Ni0 couples (at fixed reactant concentrations) and the
implications of that difference on nickel reduction current efficiency were discussed earlier in Section
2.2.2.1. However, the current density response to electrode potential tends to be unique for different
reactions. For example, for two cathodic reactions occurring in parallel, the current generated by the
first reaction may respond much more slowly to changes in electrode potential than the second despite
having a more positive reversible potential, hence the current efficiency of the second reaction may
remain at near unity over a substantial potential range. Reaction kinetics are influenced by reactant
concentrations as well as by the properties of the electrode surface and of the solution. An electro-
chemical reaction is generally regarded as involving at least three consecutive steps which occur in
series (Compton & Hancock 1995):
1. Transport of reactants to the surface
2. Adsorption of the reacting particles on the surface
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3. Reaction(s) on the surface
Although this hierarchy of an electrochemical process suggests that the modes of and limitations
to the transport of reactants to the electrode surface be considered first, the mass transport terms in
kinetic rate expressions tend to be included only in the last stage, after the rate expressions have been
derived and simplified to suit specific situations. Hence, the choice of kinetic model appropriate to the
nickel and proton/water reduction reactions will be discussed here first and the mass transport terms
will be added to complete the final expressions.
In aqueous solution all ions such as H+ and Ni2+ interact with water dipoles. A number of water
dipoles tend to become electrostatically attracted to the ions, and form an immediate hydration sheath
which moves with the ions. An electrostatic interaction thus exists between the ion and the adjacent
hydrogen or oxygen atom in each dipole, depending on its orientation. This bond affects the total
electronic energy of the ion. Protons in solution are bound to one water dipole and so H+ is in fact
frequently written as H3O+ to reflect this. Ni2+ is bound to six dipoles, [Ni2+·6H2O], unless it is
complexed by ions such as NH4+. It is said that while this immediate hydration sheath is stable, a
secondary more distant sheath of dipoles exists which is less electrostatically attracted to the ion and
so tends to exhibit re-orientations in response to other forces (Christensen & Hamnett 1994). These
re-orientations introduce perturbations to the electronic energy of the ion and so the ion and water
dipoles are in a state of libration. The variations in the total electronic energy of an ion may be
computed as a function of the variable ion-dipole bond lengths (or bond angles or other appropriate
parameters) and plotted on the so-called ’free energy curves for electron transfer reactions’ (shown in
Figure 2.24 in one dimension) and are used to aid the understanding of the electron transfer process.
Electron transfer takes place when the electronic energy levels of the initial and final states in the pro-
cess are equal, which is true at a certain ’reaction coordinate’ at which the curves pictorially intersect
(Marcus 1956). The energy requirement is the difference between the energy at the curve intersec-
tion point and the energy minimum of the initial state curve, which represents its most stable nuclear
configuration. For interfacial processes the energy barrier for a reaction is reduced by changing the
electronic energy levels in the electrodes using an external power source, as described in section 2.1.
Variation of the electrode potential alters the Fermi level of the electrons in the material. In cathodic
processes electrons, which obey the Fermi-Dirac population distribution, are transferred from the
electrode with energy corresponding to the Fermi level (Marcus 1956). During transfer electrons may
move to higher or lower energy levels in the acceptor ion. For the transfer to be permanent the electron
must move to a lower energy level where it will be stable (adiabatic transfer) rather than to a higher
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Figure 2.24: The potential energy surfaces representing the interaction of the electronic orbitals of
(a) two species in solution and (b) solute and adsorbed species on the electrode surface; adapted from
schematics presented in (Marcus 1964) and (Bockris & Reddy 2000)
level from which it will relax back to its original position in the electrode (non-adiabatic transfer)
(Bockris et al. 2000). Kinetic rate expressions in the literature have been derived for limiting cases
of adiabatic or nonadiabatic electron transfers. Many have assumed weak electronic orbital interac-
tions of two reactants (or reactant and electrode), leading predominantly to non-adiabatic transfers
(Marcus 1956). It is stated in an overview in (Bockris et al. 2000) that the probability of an adiabatic
electron transfer is ca. 0.1 (although this will vary depending on the reaction). Based on this it may
be concluded that multiple electrons are very unlikely to be transfered together to the same ion at the
same time and hence the electrons in reactions 2.82, 2.83 and 2.84 will most likely be transferred sep-
arately (however, there is no explicit confirmation of this point in the literature). Following electron
transfer the ion-water dipole bonds undergo re-arrangement (Marcus 1964) and the potential energy
curve representing the ’initial’ state will correspond to the new system. The energetics for the next
electron transfer will therefore be different from the first and hence there may be an energy separation
between successive electron transfers in an overall multielectron raction.
Electron transfer establishes a current density. The net current density, j, is related to the net kinetic
rate of an electrochemical reaction, νtotal, by Faraday’s law:
j = νeFνtotal (2.86)
The total measured net rate of an electrochemical reaction is a summation of contributions from the
rates of its oxidation and reduction components:
νtotal = ν+ − ν− (2.87)
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The rate expression for an electrochemical reaction is analogous to that of a chemical reaction. The
rate of a chemical reaction is given in 2.88 (Marcus 1965)
ν ∝ κρZe− ∆G0kBT (2.88)
where kB is the Boltzmann constant, κ is a momentum-weighted average of the probability of an
adiabatic electron transfer occurring per pass through the energy intersection region; κ of ca. 1 is
used to reflect the high probability of adiabatic electron transfers; typically ρ (the ratio of the root
mean square fluctuations in separation distance in the activated complex to the root mean square
fluctuations of a coordinate for motion away from the intersection surface in the volume integral) is
about unity; Z, is the thermal velocity or the collision number of species in solution with each other.
The electrochemical rate expression is derived using the relationship between the Gibbs free energy
and the standard electrode potential (Equation 2.4), the new reaction driving force (activation energy)
imposed by an external power source (E - E0) (equivalent to the change in electron energy: e0∆ φ -
e0∆ φ0), the direct proportionality relationship between reaction rate and reactant concentration, ν ∝
ci, the Ideal Gas Law (kBT=RT/NA) and the Faraday constant (F=e0NA).
For a redox couple the rates of the reduction and oxidation components are not necessarily equal
even if the reactant and product concentrations are identical. The reasoning behind this is envisaged
through geometric analysis of potential energy curves, linearized for simplicity as shown in Figure
2.25. The diagram in Figure 2.25 illustrates the effect of the application of a potential difference (E
- E0) on the activation energy, δ. The reactant energy is altered from its energy at equilibrium to
its energy at the new potential. The applied potential difference causes a vertical shift in the energy
curve, however, this does not cause a linear change to the activation energy. This is a consequence of
the shape of the potential energy curves. The change in activation energy may be considered trigono-
metrically with the result given in Equation 2.89. The crucial outcome is that the activation energy
changes only by a fraction, α, of the imposed potential difference (E-E0). Qualitatively, the coeffi-
cient α has been described in (Walsh 2001) as ’the fraction of the applied potential that is effective
in increasing the rate of the reaction’. α is determined by the relative slopes of the potential energy -
reaction coordinate curves representing the energies of the species.
∆δ = δ0 − δ′ = tan(γ)
tan(θ) + tan(γ)F (E − E0) = αF (E − E0) (2.89)
Alpha is a trigonometric function which cannot exceed unity. If α is the fraction contributing to
the rate of the forward going reaction, then (1-α) contributes to the reverse reaction. Consequently
the rates of forward (cathodic by notation) and backward (anodic) going reactions are expressed in
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Figure 2.25: Linearised potential energy - reaction coordinate curves; geometric derivation of the
transfer coefficient, α; diagram adapted from (Bockris & Reddy 2001). The derivation of ∆δ = δ0 - δ’
is through trigonometric analysis: δ0 is evaluated through the equality AB=CD and δ’ through ∆HEG
and ∆HEF (γ and θ are angles of the reactant and product curves relative to the horizontal axis). λ is
the vertical transition energy, usually referred to as the rearrangement energy.
Equations 2.91 and 2.90, respectively, at constant reactant concentration and temperature:
ν− = κρZe− λ4kBT [O]se−αzF(E−E0)RT (2.90)
ν+ = κρZe− λ4kBT [R]se (1−α)zF(E−E0)RT (2.91)
Z, is now the thermal velocity or the collision number of species with a unit area of an interface and
is said to have a typical value of 104 cm s-1 (Marcus 1965); the e-λ/4kBT constant is the outcome of the
quadratic treatment of the potential energy curves (Christensen & Hamnett 1994). The net reaction
rate is given as the sum of the anodic and cathodic reaction rates in Equation 2.92:
νtotal = ν+ − ν− ≈ κρZe− λkBT [[O]se (1−α)zF(E−E0)RT − [R]se−αzF(E−E0)RT ] (2.92)
Substituting this equation into Faraday’s law and combining all the constants preceding the term in the
square brackets into a single constant, k0, the total current density measured as a function of electrode
potential at fixed reactant concentrations and temperature is given in Equation 2.93:
jtotal = janodic − jcathodic = k0zF [[R]se (1−α)zF(E−E0)RT − [O]se−αzF(E−E0)RT ] (2.93)
Current density on the left hand side of Equation 2.93 has units of A m-2; the units of the terms in
the right hand side are as follows: the constant k0 has the units of Z, which are m s-1, the Faraday
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constant has units of A s mol-1 and so the reactant concentrations have to have the units of mol m-3.
The concentration terms always represent reactant concentrations at the electrode surface (denoted
by the subscript s), which deviate from the concentrations in bulk solution (denoted by the subscript
b) as the reaction rate increases. However, for the derivation of the reversible potential, Er, at which
the redox reaction is in equilibrium (net measured current is zero), as a function of the concentrations
of the reducible and oxidisable species it is assumed that ci, s = ci, b, where ci, b are usually known
quantities. Electrochemical reaction rates are usually expressed as a function of (E - Er) i.e. the
deviation of the electrode potential from that at which zero net current flows. This difference is
termed the ’overpotential’ and is represented by the symbol η. It should be noted that because of the
decision to consider individual electron transfers separately, z will always be taken to be unity in this
thesis, leaving:
E0 = Er − RTF ln([Ob][Rb] ) (2.94)
Following the replacement of E0 with Er in the exponential term the kinetic rate expressions used
by different authors tend to differ (this reference is particularly applicable to the introduction of ad-
sorption isotherms into the rate equations; to be discussed shortly). This is notably as a result of the
choices by various authors to use dimensionless ionic activities which represent the ’effective concen-
tration’ rather than the true concentration values. Activity coefficients reflect the mutual interaction
of solute molecules and ions, which are ignored to a first approximation in the treatment of ionic /
molecular interactions in fluids. Activity coefficients, γc,i, relate the activities of species ai to a ratio
between the concentration of species i in solution and their standard concentration c0i as shown in
Equation 2.95.
ai = γc,i cic0i (2.95)
The division by c0i is necessary to ensure that both ai and γc,i are dimensionless. The problem with
measuring ionic activity coefficients is a consequence of the criterion for electroneutrality in bulk
solution, which makes it impossible to add macroscopic amounts of ions of one kind to a solution
without, at the same time, adding an equivalent amount of counterions. There is a multitude of model
calculations for ionic activity coefficients, but different models are said to yield very different results,
none of which can be verified experimentally (de Levie 2005). Activities of solids are taken to be
unity, however, there are no extensive tables of activity coeffcients for ions in different solutions. It is
frequently assumed that the standard concentrations, c0i, of [O] and [R] of the same redox couple are
similar in magnitude and will cancel out in the Nernst equation, making the use of real and known
concentrations plausible.
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The effect of replacing E0 with Er in the exponential term of equation 2.93 is demonstrated through
Equations 2.96 - 2.98 on just the cathodic component of the overall reaction, for simplicity.
jcathodic = −k0F[O]s [e−αF(E−Er)RT e−αFRT ( RTF ln( [O]b[R]b ))] (2.96)
jcathodic = −k0F[O]s ([O]B[R]B )
−α
e
−αF(E−Er)
RT (2.97)
jcathodic = −k′F[O]se−αF(E−Er)RT (2.98)
The dimensionless ratio retween the concentrations of reducible and oxidisable species ([O]b/[R]b)
raised to the power of (-α), which emerges upon substitution of E0 with Er, may be conveniently
moved into the constant, which is now relabelled as k’. The idea here of going through the majority
of the steps in the derivation of the kinetic rate expression is to comprehend the physical origin of all
the parameters which are ultimately required to predict electrode kinetics and also to follow the units
of the rate constant, which in fact differs amongst different authors who model electrode kinetics.
Ultimately, there will be a choice between kinetic rate expressions.
A difficulty arises with treatment and modelling of invididual electron transfers in a multi electron
reaction because Er is in general only known for the overall reaction. It is calculated based on the
known Gibbs free energies of the reactants and the products; these quantities are not generally known
for the intermediate species, particularly if their nature is not at all certain. There may be an energy
separation between successive electron transfers in which case the overall calculable Er (used for
the construction of potential-pH diagrams throughout Section 2.2.2) is just the average reversible
potential and will be untrue when the individual transfer steps are considered separately. Yet, when
a reaction is modelled, or when experimental data is fitted to the model, the potential difference in
the exponential must be known very accurately and precisely. A demonstration of how this problem
may be obviated is given in (Christensen & Hamnett 1994) and is summarised here as follows. For a
reaction with z=2, say, in which reactant A becomes B through the first electron transfer (A + e- →B),
followed by the second electron transfer to B, forming C, via (B + e- →C) there are two reversible
potentials Er, A/B and Er, B/C. Assuming that only the overall reversible potential, Er, A/C, is known and
using only the first electron transfer as an illustrative example, the manipulation of Equation 2.98 is
shown in Equations 2.99 - 2.102. The correct equation for the first reduction step should be:
jc1 = −k′c1 F[A]se−α1F(E−Er,A/B)RT (2.99)
where the subscript c1 denotes the first cathodic electron transfer. This is identical to writing:
jc1 = −k′c1 F[A]se−α1F(E−Er,A/B+Er,A/C−Er,A/C)RT (2.100)
53
The exponential term may then be split up into two exponential terms with the first being a constant
and the second a function of electrode potential as follows:
jc1 = −k′c1F[A]se−αc1F(Er,A/C−Er,A/B)RT e−α1F(E−Er,A/C)RT (2.101)
(Er, A/C - Er, A/B) is the constant energy separation between the reversible potentials for the first electron
transfer and the overall electron transfer and may be very conveniently dispatched into the constant,
which may now be relabelled k”c1:
jc1 = −k′′c1F[A]se−αc1F(E−Er,A/C)RT (2.102)
The overpotential with respect to which kinetics are modelled is now a known quantity and the un-
known reversible potential has been grouped with the other constants into an overall constant k”,
which can be experimentally determined. The current densities generated by the subsequent electron
transfers may be dealt with through the same approach.
Interfacial electron transfers are always preceded by the process of adsorption, which is a particularly
crucial consideration when reactions compete with each other. An adsorbed ion is one which is in
direct contact with the electrode surface. The excess charge on the solution adjacent to the electrode is
caused by a net dipole orientation of the water molecules, which are the primary occupants of the elec-
trode surface area (Bockris et al. 2000). However, for a reaction to take place the reactant itself must
be present directly at the electrode surface. Adsorption is only accomplished via displacement of wa-
ter molecules from the electrode surface and this is of course accompanied by a certain energy change
that is determined by entropy and enthalpy changes associated with change in ion-electrode interac-
tions and solvent interactions (Bockris et al. 2000). An overall negative ∆Gads facilitates adsorption.
Naturally, adsorption is either aided or impeded by electrostatic attraction / repulsion between charges
on the ions in solution and the net charge on the electrode surface. The net charge on the electrode
surface may be negative, positive or zero; the electrode potential at which the surface charge is zero
is called the potential of zero charge, pzc, and its magnitude differs between materials. The pzc is
directly proportional to the work function of the substrate, ΦM and may be calculated by Equation 2.6
Epzc = ΦMF +C (2.103)
where C is a constant. Adsorption of cations is promoted when pzc < 0 and adsorption of anions is
promoted when pzc > 0. In the absence of an applied potential the surface coverage by specifically
adsorbed neutral molecules is governed by Equation 2.104 (Bockris et al. 2000):
ΓE = ΓEpzce− ∆GkBT (2.104)
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where Γ is the excess surface concentration with the units of mol m-2 with ΓE being the concentration
at the electrode potential of interest and ΓEpzc being the concentration at the potential of zero charge,
E is the electrode potential and Epzc is the electrode potential at pzc. Coverage by neutral molecules
is usually maximal at the pzc. Surface coverage by adsorbed species is important because it is the
adsorbed species which react at the surface and so if some species in particular are adsorbed over a
large proportion of the electrode area, little physical space is left for the adsorption of other species.
This logic has led to the development of adsorption isotherms.
Usually, instead of the explicit concentrations, Γi, a fractional surface coverage, θ, is used, which is
the ratio between the surface concentration of adsorbed species i and the maximum concentration of
adsorbed species, as shown in Equation 2.105 (Conway & White 2002):
θi = Γi
Γi,max
(2.105)
The maximum surface concentration varies between different species and is largely determined by
the ionic / molecular radius (the typical average number density of metal ions on a surface is given in
(Bockris et al. 2000) as 1015 cm-2). If species i occupy the fraction θi of the surface, then the proportion
of the surface available for other adsorption processes is (1 - θi). An assumption of isotherms is
that a reaction can only proceed on a free surface, not yet covered by intermediates. It should be
noted at this point that while only adsorption of reactant species are of interest to electron transfer, in
general, occupation of the electrode surface by all adsorbed species must be included if the process is
being modelled. While some neutral or organic molecules may not participate in the charge transfer
they may take up a significant proportion of the surface and experimental results may be difficult to
interpret if this is not taken into account. The blockage of free sites by H2O molecules tends to be
neglected in the mass balance on θ because they are bound much less strongly (10 - 20 kcal mol-1) to
surfaces than other species, such as hydrogen (ca. 50 kcal mol-1), and so desorb with greater relative
ease (Bockris et al. 2000).
If, for the purpose of illustration, only one adsorbed species is considered (which could realistically
be something like hydrogen) then the kinetic expressions are modified as follows:
jc = −Fνc(1 − θ) (2.106)
ja = Fνaθ (2.107)
In equilibrium:
θ = νc
νc + νa (2.108)
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Equation 2.108 is the Langmuir isotherm which illustrates the dependence of the fractional surface
coverage, θi, on the ratio between the rates of adsorption and desorption, which are in turn determined
by reactant concentration, electrode potential and kinetic rate constants. The Langmuir isotherm is
not, however, universally relevant due to the non-inclusion of lateral interactions between adsorbed
species. In other words, this isotherm assumes that the forces between adsorbed species are the same
regardless of their surface concentrations or their charge. It has been observed experimentally that
the enthalpy of adsorption (a quantity which reflects the bond strength between the adsorbed ion and
the substrate) changes as surface coverage by adsorbed species increases (Bockris et al. 2000). To
account for this the expression for the Gibbs free energy of adsorption may be modified to take into
account the effect of increased surface coverage by adsorbates, as shown in Equation 2.109.
∆Gadsθ = ∆Gadsθ=0 + rθ (2.109)
It follows that
θ
1 − θ ∝ e− rθRT (2.110)
which is the Frumkin - Temkin isotherm where r represents the forces between dipole moments of
adsorbates, and its sign reflects the attractive (negative sign) or repulsive (positive sign) nature of these
forces. Evidently, in the case where forces are replusive, increasing θ renders further adsorption more
difficult and will slow down the kinetics. Formulations for r vary between the isotherms derived by
Frumkin (who focused on lateral interactions on a homogeneous liquid mercury surface) and Temkin
(who took into account possible heterogeneity in different parts of the surface and allowed for the
difference in adsorption enthalpies on different surface regions in the absence of lateral interactions).
The concept of lateral interactions is particularly relevant when the products of interfacial electron
transfer remain bound to the substrate and move accross the electrode surface and cluster together,
while surface heterogeneity is particularly applicable to surfaces of metals which are never perfectly
smooth in practice.
On the whole, because, lateral interactions are ignored the Langmuir isotherm is applicable over the
entire range of theta, 0 ≤ θ ≤ 1, making it the most straightforward and manageable isotherm to
apply to kinetic rate expressions. The applicability range of the Frumkin - Temkin isotherm may
be evaluated by considering realistic limiting cases for the electrode overpotential and observing
the dominance or otherwise of the exponential overpotential term of the overall equation rate. The
Frumkin - Temkin isotherms are thus applicable to θ in the range 0.2 ≤ θi ≤ 0.8 and generate the same
results as the Langmuir isotherm when θ→0 and θ→1. Decision over which isotherm should be used
in the construction of kinetic rate equations requires some understanding of the interfacial process(es)
at hand.
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It is noted that the introduction of isotherms into rate equations produces a dimensional complica-
tion, particularly where the product of electron transfer remains a bound adsorbate on the electrode
surface. By definition, when the net measured rate of a reaction is zero, the oxidation and reduction
components of this reaction are equal, which means that both are taking place on the same electrode.
If the cathodic process involves the reduction of reactant A, which is present in solution, to product
B, which remains a bound adsorbate, then the reverse oxidation reaction, for which no homogeneous
bulk concentration term exists, proceeds only from a one-dimensional layer of B. The overall current
density in this case is shown in Equation 2.111 (Pletcher 1984):
jtotal = F (−kc[A]s(1 − θ)e−αFηRT + kaθe (1−α)FηRT ) (2.111)
Most evidently, the cathodic term has the same dimensions as the overall current density (A m-2),
which are correct; however, the anodic term now has units of A m mol-1, since it no longer contains the
concentration in units of mol m-3. In many publications it is stated that the anodic rate constant merely
assumes different units (mol m-2 s-1 instead of m s-1) in order to maintain the overall dimensional
coherence with the other terms, but it is not obvious why this should be the case. If the constant
changes units its value will most certainly change as well.
A similar but slightly different formulation of kinetic rate expressions including the Langmuir
isotherm may be found in (Conway & White 2002). The example there is given for water reduction
but is straightforwardly generalised here into the form of Equations 2.112 and 2.113, below, for the
case of bulk reactants A and adsorbed products B:
νc = k0aA(1 − θi)Γi,maxe− αF(E−E0A/B)RT (2.112)
νa = k0θiΓi,maxe (1−α)F(E−E0A/B)RT (2.113)
The cathodic and anodic reaction rate components have the same units in this treatment because di-
mensionless activity coefficients, ai, instead of molar concentrations, ci, are used and because only the
surface concentrations of reactants and products are taken to be of interest here both the cathodic and
anodic reaction rates use the two-dimensional surface concentrations, Γ. If the products, B happen
to be soluble, then an activity coefficient aB may be introduced into the anodic term to reflect this
without disturbing the units of the equation. It is deduced after the substitution of these terms into
Faraday’s law that the kinetic rate constants must have the units of s-1, which means that they repre-
sent a frequency. This frequency represents the number of collisions between reactant and electrode
surface per second. Substitution of the Nernst equation gives the overall reaction rate in Equation
2.114.
νtotal = kcΓi,maxaA(1 − θi) [( θ0,i1 − θ0,i) 1aA ]
α
e− αFηRT − kaΓi,maxθi [(1 − θ0,i
θ0,i
)aA](1−α) e (1−α)FηRT (2.114)
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where the index 0 indicates the parameters measured at ν = 0 and the constant k0 may now be assumed
to be different for the cathodic and anodic rate components. A notable implication of writing the
kinetic rate expressions explicitly as a function of the maximum available surface site concentration,
Γi, is that the number of ’sites’ available to different ions may vary due to their different sizes and
charges. On the whole, it is more comfortable to utilise and equation when the units of all terms are
correctly balanced.
As discussed earlier, the overall kinetic rate constants, ki, are the products of multiplication between
several parameters. It is crucial to know which parameters these are and their physical origin. Hence,
the derivation of kinetic rate expressions was specifically discussed here in detail. If the kinetic rate
constants and the transfer coefficients are unknown, they may be obtained using parameter estimating
software (such as gPROMS) which model prescribed kinetic expressions on the input experimental
data (total measured current density). This is done through iterative parameter fitting processes until
the experimental results are described to within a reasonable error. gPROMS, for example, requires
an ’initial guess’ for each unknown parameter and the guess values are the starting points of the
iteration procedure. The numerical range which gPROMS may handle without either crashing or
generating nonsensical results is ca. (±)10-16 to (±)1030, which means that if parameter guestimates
are incorrect by many orders of magnitude the iteration process will not work. This is especially true
when a multi-electron transfer process with very few knowns and many unknowns is being modelled.
Furthermore, when the values of multiple parameters are sought there is unlikely to be a single unique
set of solutions. Many numerical combinations may describe the experimental data but most of those
will not reflect the physics of the process. Whilst α is clearly constrained to the range 0 ≤ α ≤ 1
with the realistic range in fact being closer to 0.3 ≤ α ≤ 0.7 (Christensen & Hamnett 1994), the
values of the kinetic rate constants are not so obvious and so must be carefully considered. The
situation is inevitably further complicated by the issue of mass transport, which is the following point
of discussion.
The term ’mass transport’ represents the mode by which reactants / products are supplied to / away
from the electrode surface. There are three principal ways in which this could occur: migration, dif-
fusion and convection. In general, migration in electrochemistry is the movement of ions in response
to a potential gradient, ▽φ, induced by the presence of an electric field; the induced flux of species is
given by:
Nmigration = −uici ▽ φ (2.115)
where u is the mobility of ions, i. The excess charge density and the electric field induced by the
potential drop across a solid-liquid interface extend into the solution beyond the water dipole layer
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adjacent to the electrode surface (Bockris et al. 2000). The movement of charged species due to this
field may cause a re-distribution of interfacial charge on the solution side and thus alter the potential
drop at the interface. This has a drawback because it may result in fluctuating localised driving forces
for electrochemical reactions which is a most undesirable effect in studies of kinetic rates where
(E-E0) or (E-Er) should be known and controlled as accurately as possible (Fisher 1996). If there are
copious amounts of charged species in solution besides the primary reactants then the field fluctuations
will be stabilised primarily by them because they will carry the bulk of the charge (Pletcher 1984).
If the concentration of non-reacting charged species (termed the ’supporting electrolyte’) is in total
above 0.1 M the effect of localised migration on electrode kinetics may be neglected (Fisher 1996).
In (Conway 1965) it is stated that the effect of the interfacial electric field on the behaviour of the
reaction ions is neglected in derivations of kinetic rate equations and thus the ”formal concept of ’ion
transfer’ is not clearly involved”. However, effects of migration due to interfacial fields usually need
only be involved when the reactant concentrations are small and there is no supporting electrolyte or
when film coatings over electrode surfaces are being modelled.
Mass transport by diffusion arises when a concentration gradient is induced across solution. The flux
of species, Ndiffusion, generated by this mode of transport is given by Fick’s first law in Equation 2.116;
the flux is proportional to the concentration gradient and also depends on the diffusion coefficient, Di,
for the particular ion / molecule, i.
Ndi f f usion ≈ −Di dcidx (2.116)
In the case of reducible species at the cathode surface a concentration gradient develops when the
reaction rate becomes faster than the diffusive influx of reactant species from the bulk electrolyte to
the electrode surface; the rate of the electrochemical process is slowed down by the slower rate of
reactant supply. On the whole, the overall rate of the reaction will depend on the rate of the slowest
process: either it is rate of ion supply from bulk solution to the electrode surface or the rate of electron
transfer. The physical space over which the diffusion gradient extends into the solution away from the
electrode surface is defined by δ, which is demonstrated schematically in Figure 2.26.
The conventional inclusion of the effect of reaction rate limitation by mass transport on kinetic rate
expressions may be observed through Equations 2.117 - 2.125. The effect of the difference between
the surface and bulk reactant concentrations is evaluated by
j = − j0 [[O]s[O]b e− αFηRT − [R]s[R]b e (1−α)FηRT ] (2.117)
where
j0 = k0F[O]1−αb [R]αb (2.118)
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Figure 2.26: Diffusion gradient between the electrode surface and bulk solution during cathodic de-
pletion of reactants
j0 is the magnitude of the cathodic and anodic currents which flow at the reversible potential; it is
derived by substituting the Nernst equation back into the equation for the overall current density,
given in 2.93. j0 can only simultaneously represent both the cathodic and anodic reaction rate terms
when alpha = 0.5. This is only an assumption. The ratio between the surface and bulk reactant
concentrations may be computed if the size of the diffusion layer thickness, δ, is a known quantity. The
diffusion layer thickness determines the rate of mass transport and is embodied in the mass transport
coefficient, km, which for species i is calculated using Equation 2.119, assuming the concentration
gradient across the diffusion layer is linear. km has units of m s-1
kmi = Diδ (2.119)
If diffusion controls the reaction rate entirely, the maximum current that could flow is determined by
the concentration gradient across the interface, which is maximum when the surface concentration is
zero. At this point the diffusion limited current density for reduction is expressed as:
jLO = −zFkmO[Ob] (2.120)
Similarly for oxidation:
jLR = zFkmR[Rb] (2.121)
From these expressions it follows that the dependence of the ratios between surface and bulk concen-
trations may be determined from the values of the diffusion limited current densities and the actual
measured current density: [O]S[O]B = jL,O − jjL,O (2.122)[R]S[R]B = jL,R − jjL,R (2.123)
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The substitution of these expressions into Equation 2.117 yields:
j = − j0 [ jL,O − jjL,O e− αFηRT − jL,R − jjL,R e (1−α)FηRT ] (2.124)
Rearrangement for j produces the extended overall kinetic rate expressions, given in Equation 2.125.
j = j0 e (1−α)FηRT − e− αFηRT
1 + j0jL,R e (1−α)FηRT + j0jL,O e− αFηRT (2.125)
The current density curves that are descibed by Equation 2.125 are shown in Figure 2.27. A similar
treatment to that above may be conducted for anodic and cathodic rate expressions which firstly, do
not a have a mutual j0 and secondly, include the adsorption isotherm. This is dealt with in the next
chapter for the specific cases of nickel(II) and proton reduction reactions.
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Figure 2.27: Schematic of typical current density vs potential curves for reduction and oxidation
processes that may be modelled using the extended Butler-Volmer equation
For a particular reaction of interest, once the mass transport limited current density is reached there is
little benefit to further increasing the applied overpotential; a larger current density will not flow (un-
less convective transport is introduced to reduce the thickness of the diffusion layer). It follows that if
it is the current density that is being applied, for the reaction of interest to proceed with maximal effi-
ciency this current density must not exceed the mass transport limited value. If it does, then the excess
applied current will be taken up by some loss process(es), such as H+/H2O reduction or H2O oxida-
tion. The criterion that ji < ji, Lim, where i represents the primary species undergoing transformation at
the interface, is an absolutely crucial consideration in galvanostatic reactor operation.
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The third mode of transport of species is by convection - local fluid velocity in the vicinity of electrode
surfaces, ν, may be induced by temperature gradients (an electrode may warm up due to passage of
large current densities and so heat up the adjacent solution), density gradients (depletion of reactant(s)
at the surface may reduce the local density of the solution) or fluid flow may be deliberately imposed
by the action of a pump, for example. In all cases species move along the velocity gradient. Forced
convection can be advantageously induced in a highly controlled manner that will facilitate precise
calculation of the diffusion layer thickness and the estimation of the expected mass transport limited
curents. This may be achieved using a rotating disc assembly or a steady flow of solution between
two parallel plates (Fisher 1996). Convection has the effect of thinning out the diffusion layer but it
will never reduce it to zero due to frictional forces between the solution and the electrode surface, as
depicted in Figure 2.28. In all cases convection occurs outside the diffusion layer. The total flux, N,
Figure 2.28: Flow profile between two flat plates
of charged electro-active species i with mobility ui to an electrode surface, is a sum of three fluxes
resulting from migration, diffusion and convection and is given by the Nernst-Planck equation (2.126).
Ni = −uici ▽ φ − Di ▽ ci + ciν (2.126)
To summarise thus-far, the principal surface processes of interest during electrochemical recovery of
nickel from nickel sulfamate plating eﬄuents are the reduction of NiII, H+ and H2O. The occurrence
of these three cathodic reactions was ensured through the use of a cation permeable membrane and
a continuous passage of a nitrogen gas stream through the solution being treated. The membrane
confines the nickel sulfamate liquor to the cathode compartment and thereby prevents many poten-
tially harmful oxidation reactions, while purging the solution with N2 helps minimise the contribution
from the reduction of dissolved oxygen. All the three reactions have an electron stoichiometry greater
than unity. It is inferred from the literature that more than one electron at a time is unlikely to be
transferred between a substrate and each reacting ion / molecule. For this reason the electron transfer
steps involved in each reaction need to be considered individually. The implication of this is that there
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may be an energy separation between successive electron transfer steps and so the reversible poten-
tial for the overall reaction will not apply to each individual step. This energy separation may not
be ascertainable from thermodynamic calculations in advance due to either an absence of knowledge
regarding the chemical nature of the intermediate species or a lack of reliable thermodynamic data.
The unknown thermodynamic and kinetic quantities may, however, be obtained by modelling the
overall measured current densities on prescribed kinetic models using computational methods. The
construction of kinetic models requires some idea of the nature of the intermediate species in each
multi-electron reaction (whether they remain solute or bound to the substrate). This in turn governs
the choice and application of an adsorption isotherm. Simultaneous adsorption of different reactant /
intermediate species partly governs the extent of competition between different reactions and this can
be further complicated by adsorption of electrochemically inert species. Therefore, any species in a
given solution with strong tendencies to adsorb must be identified in order to create an appropriate
model. Finally, mass transport is an extremely important consideration because it can greatly affect
the measured kinetic rates. The construction of a model that will accurately describe the individual
and total current densities generated by each of the three reactions will be based on experimental and
theoretical findings in the literature on the reduction mechanisms of NiII, H+ and H2O, which are
discussed in the following section, and the hydrodynamic conditions in the system chosen for eﬄuent
treatment.
2.3.2.1 Proton and Water Reduction on Nickel Electrodes Studies of the cathodic hydrogen
evolution reaction (HER), shown in its overall form in Equations 2.127 and 2.128 for acidic and neu-
tral/alkaline solutions, respectively, have resulted in two principal theories of the underlying mecha-
nism by which the process takes place.
2H+ + 2e− Ð→ H2 (2.127)
2H2O + 2e− Ð→ H2 + 2OH− (2.128)
Over many decades of experimental and theoretical studies, researchers have attempted to prove cor-
rect either the Volmer-Heyrovsky or the Volmer-Tafel mechanism to be operative. The Volmer step is
common to both. It involves the formation of an adsorbed hydrogen atom, Hads, by the discharge of
an adsorbed proton (acidic solutions) or an adsorbed water molecule (neutral/alkaline solutions) via
a single electron transfer. The Heyrovsky step involves an electrochemical combination of this ad-
sorbed hydrogen atom with another adsorbed proton to form H2 in the second single electron transfer.
The Tafel step involves a chemical rather than an electrochemical formation of H2 by combination of
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two adsorbed hydrogen atoms. The two mechanisms are summarised below for an acidic solution, in
which H+ is the solute reactant, based on an outline given in (Compton & Hancock 1995). In neutral
/ alkaline solution H2O is the reactant instead of H+.
In acidic solutions:
1. H+ adsorbs from solution onto the electrode surface
H+sol → H+ads (2.129)
2. Adsorbed H+ is reduced in a single e- transfer via the Volmer reaction
H+ads + e− → Hads (2.130)
3. Adsorbed H is desorbed electrochemically in combination with a second H+ads via a second e-
transfer in the Heyrovsky reaction
Hads + H+ + e− → H2 (2.131)
4. Hads atoms diffuse across the electrode surface and combine chemically via the Tafel reaction
Hads + Hads → H2 (2.132)
It should be noted that although, in general, the discussion of eﬄuent treatment in this thesis is
restricted to the acidic pH range of the bulk since dissolved nickel precipitates as Ni(OH)2 at pH
above ca. 6, the rise in inerfacial pH due to H+ reduction may create neutral and potentially even
alkaline conditions in the vicinity of the electrode. Boric acid is added to limit this rise, however it
may still occur depending on the magnitude of the H2 evolution curent density. The transition from
H+ to H2O reduction appears to be predominantly affected by the value of the interfacial pH because
there is no precise thermodynamic prediction of the electrode potential at which this will occur. Some
publications state that the standard potential for the reduction of H2O is -0.8277 V(NHE) (-1.0727V
(SCE)) (Zech & Landolt 2000) and (Lupi, Pasquali & Dell’Era 2006). This potential, however, is
simply the reversible potential for H+ reduction at pH 14 (at a temperature of 298 K and pressure of
hydrogen gas of 1 atm.), which implies that there must be very few or no protons at the surface of
the elctrode for water reduction to begin. This is clearly very unlikely because of the dissociation
equilibrium of water
H2O⇌ H+ +OH− (2.133)
[H+][OH−] ≈ 10−14 (2.134)
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and experimental measurements of interfacial pH confirm that for H2O reduction to begin this pH
need not be 14 (Deligianni & Romankiw 1993). Consequently, the HER must be considered beyond
the acidic pH range.
It is logical to think that during nickel electrodeposition, whether it originally begins on a foreign
or on a nickel substrate, hydrogen can essentially be considered to evolve on nickel. Therefore, the
literature review on the kinetics of the hydrogen evolution reaction presented here will be restricted to
include results of investigations performed primarily on nickel substrates. The rate of the HER varies
between substrates and metals tend to be grouped according to the relative values of overpotentials
which are required to drive the reaction (Compton & Hancock 1995).
(1) High required overpotential; η > 1V Mercury, tin, bismuth etc
(2) Low overpotential; η < 0.5V Pt group metals
(3) Medium overpotential; 1V > η > 0.5V Nickel, iron etc
The bond between the adsorbed hydrogen and the substrate will greately influence the required over-
potential. Consequently, the many studies performed on mercury (often chosen for its perfectly
smooth, homogeneous surface), for example, will not provide a good kinetic prediction for HER on
nickel. Furthermore, any adsorption of non-reactive anions or cations, which may inhibit or aid the
HER, will be extremely dependent on the nature of the substrate material and as such the conclusions
from experiments on one metal may not apply for others.
The relationship between the H+/H2O and NiII reduction reactions on a Ni substrate will be greately
influenced by the mechanism which the HER follows. Furthermore, it is understood that even prior
to interference from NiII ions or the effects of mass transport there may be an inherent difference
in rates between the first and second steps in either mechanism for the HER and so therefore the
type of mechanism coupled with the possibility of various steps being rate determining will yield
very different results on the extent of surface coverage by adsorbed hydrogen and hence the resultant
overall measured current density.
The effects on surface coverage and on the total measured current density of a particular rate deter-
mining reaction step may be predicted theoretically. An example of such theoretical analysis may
be found in (Christensen & Hamnett 1994) for the reduction of protons. Mass balances on adsorbed
hydrogen for both reaction mechanisms are constructed using the approach in which surface con-
centration has units of mol m-3, the forward going kinetic rate constants have units of m s-1 and the
Langmuir isotherm is assumed to be valid. The effect of different rate determining steps is anal-
ysed by assuming the reaction is in steady state, meaning the surface coverage does not change with
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time, giving rise to the expressions in Equations 2.135 and 2.136 for the Volmer-Heyrovsky and the
Volmer-Tafel mechanisms, respectively,
dθH
dt
= νc1 − νa1 − νc2 + νa2 = 0 (2.135)
dθH
dt
= νc1 − νa1 − νc3 = 0 (2.136)
where the individual rate expressions are
νc1 = kc1[H+](1 − θH)e− α1FηRT (2.137)
νa1 = ka1θHe (1−α1)FηRT (2.138)
νc2 = kc2[H+]θHe− α2FηRT (2.139)
νa2 = ka2 pH2(1 − θH)e (1−α2)FηRT (2.140)
ν3 = k3θ2H (2.141)
where pH2 is the partial pressure for hydrogen gas, the constants, k, comprise all the constant terms
discussed is Section 2.3.2 and the overpotential η represents the potential difference(E - Er, H+ /H2). In
2.136 it is assumed that H2 does not dissociate into Hads.
The solutions to equations 2.135 and 2.136 are given in 2.142 and 2.143, respectively.
θH = kc1[H+]e− α1FηRT + pH2ka2e (1−α2)FηRT
kc1[H+]e− α1FηRT + ka1e (1−α1)FηRT + kc2[H+]e− α2FηRT + ka2 pH2e (1−α2)FηRT (2.142)
θH = kc1[H+]e− α1FηRT
kc1[H+]e− α1FηRT + ka1e (1−α1)FηRT + kc3 (2.143)
In the event that the Volmer step is slow (kc1 , ka1 ≪ kc2 , k3) and determines the overall rate of the
HER, the measured current would be the same regardless of the mechanism. Any adsorbed hydrogen
on the surface would be immediately consumed by the faster steps of electrochemical desorption of
chemical recombination and hence the surface coverage would tend to zero. All reaction steps apart
from the Volmer step will be in equilibrium. Consequently, the overall rate of the HER will simply be
double the rate of the first electron transfer, giving the overall current density expression in Equation
2.144.
j ≈ −2Fkc1[H+]e− α1FηRT (2.144)
Based on this expression, for a fixed surface concentration, the rate of current density response to
changes in overpotential is given by what is referred to as the Tafel slope, β:
β = ∂η
∂log j H+ = 2.303RTαF (2.145)
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It is usually assumed that the transfer coefficient, α, has the value of 0.5, which gives β a value
of 120 mV dec-1. β is a quantity which can be measured experimentally by recording the current
density response during the HER as a function of applied overpotential. The linear section of the
semi-logarithmic plot of log(j) vs η with this data may be analysed for the gradient, β.
For the Volmer-Heyrovsky mechanism, if the Heyrovsky step determines the overall HER rate the
expression for the surface coverage is modified to become:
θH ≈ kc1[H+]kc1[H+] + ka1 e FηRT (2.146)
If the surface coverage by adsorbed hydrogen tends to unity as a result of its very slow consumption
in the second electron transfer reaction, then
j ≈ −2Fkc2[H+]e− α2FηRT (2.147)
The Tafel slope in this situation will be indistinguishable from the case when the Volmer step is rate
determining, i.e. it will be 120 mV dec-1. However, in the case when the adsorption / desorption rates
of the first electron transfer reaction are fast but similar to each other in magnitude (kc1 ≈ ka1), surface
coverage by hydrogen will be small and so the expression for the overall current density beomes:
j ≈ −2Fkc2 kc1ka1 [H+]2e− (1−α2)ηFRT (2.148)
In this case the Tafel slope will have a value of 40 mV dec-1. Finally, for the case when the Volmer-
Tafel reaction mechanism is operative and the Tafel step is rate determining, the overall measured
current density will follow the equation:
j ≈ −2Fkc3θ2H ≈ 2F (kc1ka1 )
2
kc3[H+]2e− 2FηRT (2.149)
for which the Tafel slope will be expected to have a value of 30 mV dec-1.
In theory, the determination of the Tafel slope from a set of experimental data on a particular substrate
should allow for a straightforward elimination of the majority of the above scenarios and shed some
light on the reaction mechanism. In practice, however, results are infrequently found to give any clear
indication. This may be due, for example, to an insufficient numerical difference between kinetic rate
constants so as to permit the use of any of the crude approximations shown above (Divisek 1986).
Moreover, these kinetic rate expressions do not take mass transport into account. If, for example, kc1
if found to be lower than k3 it may be not because of an inherent difference but because the Volmer
step is being limited by mass transport while the Tafel step is not. Mass transport would be very
important on a substrate like nickel which is a good catalyst for the HER and so is likely to set in at
relatively low overpotentials.
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It should be noted here that there is a branch of research into the HER on Ni that examines a process
known as ’hydrogenation’ in which a proportion of the hydrogen adsorbed on the nickel surface
is incorporated into the nickel lattice as described by Equation 2.150 (Machado & Avaca 1994).
Hydrogen becomes a part of the deposit structure referred to as nickel hydride or beta nickel (β-Ni)
(Saraby-Reintjes & Fleischmann 1984) and its content may be as high as 60%.
1
x
Ni + H2O + e− ⇌ 1x NiHx +OH− (2.150)
Studies of this process generate wide interest because the ingress of hydrogen into the nickel results in
a weakened deposit which may dangerously underperform in high temperature, high pressure or high
corrosivity environments. In fact, ingress of hydrogen into the deposit sometimes leads to ’hydrogen
embrittlement’. Low energy electron diffraction experiments have also shown that hydrogen absorp-
tion can cause rearrangement of surface metal atoms (Iyer & Pickering 1990), a process which may
influence the HER kinetics (Compton & Hancock 1995). Technically, for completeness, this process
should be accounted for in the kinetic rate model through an additional equation (2.151).
Hads
k4Ð→ Habs (2.151)
It is arguable, however, that if kinetic experiments are conducted over sufficiently short timescales
it may be permissible to ignore the effect of hydrogen absorption both by incorporation into the
depositing nickel layers or by diffusion into the bulk nickel. If the surface of the nickel electrode were
to be re-polished between kinetic experiments the danger of the substrate changing from pure nickel
(Ni > 99.95%) into β-Ni would be obviated. Of course, when nickel is recovered over large timescales
in pilot plant reactors, nickel hydride formation may become important and ideally the kinetic rate
constants derived in small scale laboratory experiments would be able to describe the performance of
a pilot plant. However, this particular issue is not of primary concern to the studies reported in this
thesis and hence will not be discussed further.
Following, is a summary of publications which attempt to elucidate the HER meachanism on Ni.
A theoretical approach was used by (Conway & Bockris 1957) to analyse some previously published
experimental data of exchange current densities on different metals in order to elucidate the HER
mechanism. The authors present a semi-logarithmic plot of the exchange current densities, log(j0), as
a function of the heat of adsorption of hydrogen on Pt, Pd, Rh, Ni, Cu, Fe, Mo, W and Ta, shown in
Figure 2.29. The log of the HER exchange current densities on these metals are directly proportional
to their work functions, Φ, and so they are grouped together for analysis of the HER mechanism.
It is theoretically determined that in the case when the Volmer discharge step is rate determining,
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log(j0) should increase with the heat of adsorption, however, if the Heyrovsky or Tafel steps are rate
determining the converse should occur. For these metals log(j0) increases as the heat of adsorption of
hydrogen decreases. It is consequently concluded that the desorption step is rate determining in acid
solutions for this metal group.
Figure 2.29: log(j0) for the HER at Pt, Pd, Rh, Ni,
Cu, Fe, Mo, W and Ta as a function of the experi-
mental values for heat of adsorption of H at these
metals (Conway & Bockris 1957)
According to experimental data in Figure 2.29
the decrease in α∆Hads of 4.75 kJ mol-1 (α is
assumed to have the value of 0.5) from Ta to
Pt should correspond to an increase in the re-
action rate by a factor of 103.5. This agrees
with the factor of 103.1 observed experimentally
through the difference between exchange current
densities on Ta and Pt; this can also be deduced
from Figure 2.29. The converse result of a de-
crease in rate by 10-3.5 has not been observed.
The Heyrovsky step rather than the Tafel step is
supported because the presented Tafel slope for
HER on Ni in HCl media is 100 mV dec-1, which
is much closer to 120 mV dec-1 than to 30 mV dec-1 that should have been observed if the Tafel reac-
tion step was operative. Finally, the slope of 100 mV dec-1 signifies a high surface coverage fraction
by adsorbed hydrogen.
(Tomashov & Vershinina 1970) conducted a fascinating study into the HER mechanism on Ni, Pd, Fe,
Pb and Sn with the aid of periodic surface regeneration induced by mechanical scouring. The method
involved the continuous removal of adsorbed hydrogen from the entire electrode surface in contact
with the solution during simultaneous polarisation of the metal electrode. Electron transfer was said to
be uninhibited by scouring. The idea was to compare the HER kinetics with and without continuous
renewal of the electrode surface and to quantitatively evaluate the degree of inhibition of the total
electrode process by its individual steps. It is understood from the experimental setup description
that a scouring disc was positioned directly above the working electrode surface and could be moved
down or up vertically in order to establish or break contact with the working electrode. To alter the
rate of scouring different rotation rates of the scouring disc were employed. It was observed that on a
Ni electrode the HER kinetics were shifted to more positive potentials in the presence of forced Hads
removal. Increasing surface renewal rates resulted in more pronounced shifts until surface renewal
ceased to affect the curves at a scouring rate of 1000 revolutions per minute. Based on these findings
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it was concluded that a large amount of hydrogen adsorbs on Ni and that its removal is slow in the
absense of forced scouring. Because the elimination of the second reaction step increases the kinetics
it follows that the Heyrovsky step is rate determining. It is inferred that if the Tafel step was operative,
no effect on the current due to scouring would have been observed. Inhibition due to diffusion was
said to be eliminated either by disc scouring or by vigorous stirring in the absence of mechanical
surface scouring. It was also found that halide ions inhibited the HER kinetics but this effect could be
obviated in the presence of scouring.
In a later publication (Saraby-Reintjes 1986), a theoretical analysis was applied to the experimental
results of (Tomashov & Vershinina 1970) on Ni. The author agrees with the conclusion of (Tomashov
& Vershinina 1970) that the Volmer-Heyrovsky mechanism is operative on this material. The au-
thor constructed kinetic equations and mass balances on surface coverage by adsorbed hydrogen in
a manner analogous to that presented in (Christensen & Hamnett 1994) and also introduced a forced
desorption term, represented by the frequency of scouring. Application of scouring was said to permit
certain assumptions in the theoretical treatment of experimental data, namely that surface coverage
tends to zero and that the electron stoichiometry is unity (since scouring entirely replaces the Hey-
rovsky step). Using these assumptions the current measured at a scouring rate of 1000 revolutions per
minute was used to evaluate the rate constant of the Volmer step. This value was subsequently used
to find the rate constant of the Heyrovsky step using the current densities obtained in the absence of
scouring. Again, the transfer coefficient was assumed to carry a value of 0.5. The surface coverage
fraction by adsorbed hydrogen was calculated to be ca. 0.989 at a current density of 10 mA cm-2.
HER kinetics on Ni were investigated experimentally and modelled by (Divisek 1986) in alkaline
media. The author begins by assuming that both HER mechanisms are operative and that both the
Heyrovsky and the Tafel reactions contribute to the desorption of hydrogen from the electrode surface.
The intention of this was to calculate rate constants of all three reactions by applying computational
parameter estimation methods to experimental data and subsequently eliminate the slowest of the
steps based on the smallest rate constant. Furthermore, the author advises against modelling of exper-
imental results on kinetic equations which make an a priori assumption regarding the rate determining
reaction step. Tafel slopes were evaluated using plots of log(j) vs η in the mid-overpotential regions.
In addition to this the author applied the techniques of rapid galvanostatic charging, open - circuit
potential (OCP) decay and current transients during successive potentiostatic voltage steps in order
to quantify the fractional surface coverage by adsorbed hydrogen. Based on findings, preference is
given to results obtained from galvanostatic transients as this is said to be the most reliable technique
and also one which permits the simultaneous evaluation of kinetics and surface coverage. The au-
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thor found the Volmer-Heyrovsky mechanism to be operative with negligible contribution from the
Tafel recombination step. The Tafel slope is reported to be 114 mV dec-1 and the ratio kc1 /kc2cH2 ≈
103. Both findings lead to the conclusion that the Heyrovsky step is rate determining. No inhibition
by mass transport was assumed. Finally, anodic components of the Volmer and Heyrovsky reaction
steps were ignored in the model, which was otherwise analogous to that described in (Christensen &
Hamnett 1994).
Further to studies by (Divisek 1986), (Lasia & Rami 1990) applied the techniques of potential step
charging, OCP decay and electrochemical impedance spectroscopy to studies of HER on Ni in al-
kaline solutions. Tafel plots were created based on galvanostatic measurements and although poor
reproducibility was reported the Tafel lines were described as having one clearly defined linear re-
gion. It was anticipated that in the case of the Volmer-Tafel mechanism two slopes rather than one
would be visible. Consequently, the authors assume the Volmer-Heyrovsky mechanism to be opera-
tive. They propose that the Volmer step is rate determining with the surface coverage decreasing with
increasing overpotential. It is pointed out, however, that the measured kinetics would be the same if
the Heyrovsky step was rate determining and surface coverage decreased with overpotential.
More recently, (Taylor, Kelly & Neurock 2007) constructed theoretical surface potential-pH diagrams
to predict the chemical states of hydrogen obtained on an immersed Ni(111) single crystal surface at
300 K using the periodic-corrected plane-wave density function theory (DFT). The metal / water
interface was modelled by representing the metal by a periodic slab of atoms and the solution by
multiple layers of H2O positioned around the metal slab. Hydrogen atoms were then ’introduced’ at
various sites on top and underneath the surface of the metal (impurities or adsorbed ions were not
included). It is understood that different positions of the hydrogen atoms relative to the metal matrix
result in different interaction energies. Electronic structure calculations were then used to describe
the chemical environment of the surface hydrogen, and the surrounding Ni(111)/H2O matrix. The
electrochemical environment was simulated by varying the number of electrons in the total electronic
structure calculation and so the internal energies of each state were computed. Binding energies were
estimated for different degrees of freedom of the free molecular hydrogen and adsorbed hydrogen; the
barrier to surface diffusion of adsorbed hydrogen was also computed because previously published lit-
erature suggested that at fractional surface coverages between 0 and 0.5, the forces between adsorbed
hydrogen atoms are attractive, but subsequently become repulsive.
Armed with a plethora of thermodynamic quantities, the reaction energies for the Volmer, Heyrovsky
and Tafel steps were then calculated. Comparison of these reaction enegries at different potentials,
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temperatures, and pH values permitted the evaluation of the relative contributions of each of these
steps to the evolution of hydrogen. H2 production through the Tafel recombination step is said to
be favoured only at anodic potentials at which H adsorption is not possible. Consequently, the Tafel
recombination mechanism is said to be inactive on a Ni(111) surface at 300K.
Figure 2.30: Modified potential - pH diagram for
the HER reaction based on theoretical Gibbs free
energy calculations at 300K: hydrogen may exclu-
sively exist in solute form (H+), adsorbed form in
the underpotential region (Hads) or gasesous form
in the HER region (H2) (Taylor et al 2007)
The Heyrovsky step is found to become opera-
tive at potentials anodic to that of the Volmer
step, indicating that the Volmer step is rate de-
termining. In the H2 generation region adsorbed
hydrogen is calculated to be a necessary sur-
face intermediate, as shown in Figure 2.30. An-
other interesting finding by the authors is that the
electronic transfer which accompanies hydrogen
chemisorption creates a potential shift which can
lower the metal pzc by ca. 0.4 V; however, this
figure greatly depends on the chosen location of
the H atom relative to the metal atom matrix.
A summary of experimental and theoretical find-
ings for the HER on Ni are given in Table 2.8.
Some interesting and useful general points are made in a review of HER on Ni in (Compton &
Hancock 1995). First of all, the reader is cautioned that accurate measurements of the HER at
extremely low current densities in acidic solutions cannot be readily obtained because under these
conditions the value of the measured current is determined by the relation between the rate of ca-
thodic HER and the rate of the dissolution of nickel as both processes proceed under these conditions;
reversible potentials are poorly defined. Because of the influence of nickel dissolution on the HER
misleading conclusions regarding the rate determining step can be made. Furthermore, (Compton &
Hancock 1995) warn that the specific adsorption of anions may influence HER kinetics. Adsorption
of anions as well as surface coverage by hydrogen, can be determined using the value of the capaci-
tance of the interfacial double layer, Cdl. For example, the method used by (Lasia & Rami 1990) of
changing the value of applied potential from E1 to E2 and measuring galvanostatic transients permits
the evaluation of changes in surface coverage via Equations 2.152 and 2.153.
C = Cdl +CΦ,p = Q
∆E
(2.152)
∆θ = ∫ E
Einitial
CΦ,pdE (2.153)
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Authors pH range Method Analysis Deduced mechanism RDS Transfer coefficient
(Conway &
Bockris 1957)
Acidic
(0.1N HCl)
Theoretical analysis of trend
in log(j0) vs ∆Hads on differ-
ent metals
Volmer-Heyrovsky Heyrovsky; on Ni k0[mol
m-2 s-1] = 2×10-5/F
0.5
(Tomashov
& Vershinina
1970)
Acidic (1N
H2SO4)
Effect of applied potential
on current density in pres-
ence of surface regeneration
using scouring
Qualitative comparions of
results in presence and ab-
sence of scouring
Volmer-Heyrovsky Heyrovsky
(Saraby-
Reintjes 1986)
Acidic (1N
H2SO4)
Theoretical analysis
of experimental re-
sults of (Tomashov &
Vershinina 1970)
Volmer-Heyrovsky Heyrovsky; kc1 = 2.24×10
-7
mol cm-2 s-1 & kc2 =
2.44×10-9 mol cm-2 s-1
0.5
(Divisek 1986) Alkaline
(1.3 M
KOH)
Potentiostatic transients Modelling Volmer-Heyrovsky-
Tafel (at low overpo-
tential) or Volmer-
Heyrovsky (at high
overpotential)
Heyrovsky; kc1 /kc2 cH2≈103 0.485
(Lasia & Rami
1990)
Alkaline (1
M NaOH)
Potential step charging;
OCP decay; AC EIS
NLSQ, CNLS Volmer-Heyrovsky Volmer; kc1=4×10-12 mol
cm-2 s-1 (OCP decay)
0.5-0.51
(Machado &
Avaca 1994)
Alkaline
(0.5 M
NaOH)
CV; 25oC Non-linear regression Volmer-Heyrovsky Heyrovsky; kc2=1.65×10-11
mol cm-2 s-1
0.48
(Taylor et al.
2007)
Computational Volmer-Heyrovsky Volmer
Table 2.8: Summary of literature findings on the kinetics of the HER on Ni
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Cdl is a constant while Cφp varies with surface coverage. These quantities can, in principle, also
be determined using the technique of electrochemical impedance spectroscopy. It is pointed out,
however, that Cdl of a nickel interface is difficult to measure accurately because Ni does not behave
as an ideal capacitor over any potential range.
The adsorption of halide ions may change the energies of adsorption of all the reactants taking part in
the HER. Also, apparently, the Tafel slope decreases with increasing presence of halide ions and the
overpotential, ∆η, is altered by ∆ηψ according to Equation 2.154
∆η = ∆ηψ + ∆ηads (2.154)
The first term decreases the overpotential, but the second term increases it. The second term is deter-
mined by the decrease of the energy of adsorption of hydrogen. The first term is decreased presumably
because the more ions there are in solution, the less far the interfacial field extends.
Moreover, the importance of the pzc on electrode kinetics is highlighted. The distribution of the inter-
facial potential drop around the pzc may cause significant differences in the regularities of the HER.
In agreement with the theoretical calculations of (Taylor et al. 2007) the hydrogen ion concentration
and the surface charge, σ, are said to have a predictable effect on the interfacial potential distribution,
namely:
(1) ψ = RTσ
F(εRTc2pi)0.5 σ ≈ 0 (2.155)
(2) ψ = const + 2RT
F
ln(σ) − RT
F
ln(c) σ > 0 (2.156)
(3) ψ = const − 2RT
F
ln(σ) + RT
F
ln(c) σ < 0 (2.157)
and also on the pzc, as shown in Figure 2.31. The average pzc of Ni is reported to be -0.53 V (SCE)
(Compton & Hancock 1995), -0.5 V(SCE) (Conway & White 2002), -0.3 V (NHE) [-0.545 V (SCE)]
(Trasatti 1971). The pzc on Ni is very close to the reversible potentials of H+/H2O and Ni2+/Ni0, and
so this concept may potentially be useful in interpretation of kinetic data.
Finally, despite ample evidence presented above pointing to the Volmer-Heyrovsky mechanism with
the Heyrovsky step being rate determining, like (Taylor et al. 2007), (Compton & Hancock 1995)
make the opposite conclusion regarding the RDS based on their own literature review although they
stress that, in general, experimental results show ambiguity on this point.
In spite of the many challenges presented to the studies of the HER on nickel, the vast majority of
published works were able to confirm the Volmer-Heyrovsky mechanism and reject the Tafel recom-
bination step as making negligible, if any, contributions to the overall H2 evolution rate. Although
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Figure 2.31: Variation in the potential of zero charge on nickel with solution pH (Compton & Hancock
1995)
there is ample evidence which points to the Heyrovsky step as the RDS the conclusion in a notable
review by (Compton & Hancock 1995) is that the Volmer step is rate determining. This suggests that,
regardless of the findings in literature, it is advisable to use the full kinetic model without a priori
simplifications based on the favoured RDS when modelling to estimate kinetic parameters. Although
most authors argue that in their particular experimental arrangements mass transport contributions are
negligible, this is not always convincing. The contributions from mass transport must be rigorously
assessed. It is most evident that in modelling of HER kinetics the Langmuir isotherm and not the
Frumkin-Temkin isotherm is employed. It is inferred from this that this is an acceptable assumption,
particularly when lateral interactions in the Tafel recombination step need not be considered. It is
also most notable, from the publications discussed above, that the transfer coefficient, α, is either
automatically assigned a value of 0.5 or is calculated to have this value from the experimentally deter-
mined Tafel slopes. This is very interesting, because this promotes the conclusion that α is invariant
with solution composition and with pH. Yet, the values of α for the HER on Ni, published in the
Encyclopedia of Electrochemistry of the Elements (Bard 1976) and shown in Figure 2.32, show that
values can deviate considerably from 0.5 and also sometimes show an evident dependence on pH.
This suggests that when modelling, the transfer coefficient α should be treated as an unknown and
should not be assumed to maintain the same value over large pH ranges. Finally, the often small ener-
getic separation between the reversible potentials for H+/H2O and Ni2+/Ni0 coupled with the possible
influence of field rearrangements at the pzc may have considerable effects on measured rates of the
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Figure 2.32: Variation of the transfer coefficient with pH as measured by various authors during HER
studies on Ni
HER on nickel.
The effect of boric acid on HER kinetics is seldom studied in the absence of nickel(II) reduction
since its primary function is to prevent metal precipitation. There are, however, several fascinating
publications which provide some concrete evidence regarding the interaction of boric acid with the
electrode surface and its effect on HER kinetics in the presence of some common anions such as
SO42-, Cl- or ClO4-.
HER kinetics were investigated by (Horkans 1979) using potentiostatic linear sweeps on Pt, Ni and
Au RDEs from sodium sulfate and sodium chloride solutions in both the absence and presence of
boric acid at pH 2.0 and pH 3.0. First of all, a crucial observation was made in the absence of
boric acid which was that at both pH 2 and pH 3 the mass transport limited current densities for H2
evolution in Na2SO4 were 3.5 times higher than in NaCl or NaClO4 solutions. This observation was
discussed with reference to the chemical speciation of sulfate in aqueous solutions, which has been
shown graphically in this thesis in Figure 2.9. An equilibrium exists between the sulfate and hydrogen
sulfate species at a pH of ca. 2, and it is evident that the reservoir of extra protons contained in HSO4-
would be much greater at pH 2.0 than at pH 3.0. Because the discrepancy between the results in
sulfate and chloride media are the same regardless of pH the dissociation of hydrogen sulfate was
said to be too slow to have an effect on kinetics. It was concluded that the diffusion coefficient of
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protons, DH+ , has different values in different aqueous media and that it is this that is responsible for
the observations. Addition of boric acid was observed to have different effects on HER kinetics in
sulfate and chloride media. These results, presented graphically in the publication, are those obtained
on a Pt substrate, however, it is inferred that these results are also at least qualitatively representative
of those obtained on Ni and Au. The published results are shown here in Figures 2.33a and 2.33b,
respectively. In chloride electrolytes boric acid can be seen to have no effect on any part of the proton
With B(OH)3
No B(OH)3
(a) Effect of boric acid on H2 evolution curves
in sulfate electrolytes: 330 mol m-3 Na2SO4
and 400 mol m-3 B(OH)3
With B(OH)3
No B(OH)3
(b) Effect of boric acid on H2 evolution curves
in chloride electrolytes: 750 mol m-3 NaCl and
400 mol m-3 B(OH)3
Figure 2.33: Effect of B(OH)3 on H2 evolution current densities at a Pt RDE at pH 2.0 (Horkans 1979)
discharge curve. Its presence does, however, most evidently accelerate the onset of water reduction by
ca. 0.2 V. In sulfate electrolytes, boric acid most noticeably lowers the magnitude of the mass transport
limited current density plateau for proton reduction and also appears to accelerate the onset of water
reduction. It was expected that were boric acid to dissociate, more protons would become available
for reduction and hence the mass transport current density would exceed the theoretical value. Given
that the reverse effect was observed it was proposed that in the potential region of current decrease
neutral boric acid molecules adsorb on the electrode surface and reduce the surface area available
for hydrogen adsorption, thereby lowering the HER current. The absence of this effect in chloride
electrolytes is attributed to the greater adsorption strength of chloride ions at the electrode surface
than that of boric acid. While sulfate ions do not tend to adsorb and so do not block the surface from
boric acid molecules, chloride ions adsorb readily and thus outcompete boric acid for surface area. It
is not explained by (Horkans 1979) why the reduction of water is shifted to more positive potentials
in the presence of boric acid but (Zech & Landolt 2000) propose that this is due to buffering by boric
acid.
The results obtained by (Zech & Landolt 2000), who investigated the effect of boric acid on the
HER kinetics in sulfate, chloride and perchlorate media of pH 3.0 at a Cu RDE using linear sweep
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voltammetry, are shown in Figures 2.34a and 2.34b. The effect of increasing boric acid concentration
(a) Effect of boric acid on H2 evolution curves in sul-
fate electrolytes: 330 mol m-3 Na2SO4 and 400 mol m-3
B(OH)3
(b) Effect of boric acid on H2 evolution curves in chlo-
ride electrolytes: 750 mol m-3 NaCl and 400 mol m-3
B(OH)3
Figure 2.34: Effect of B(OH)3 on H2 evolution current densities on a Pt RDE at pH 3.0 (Zech &
Landolt 2000)
on HER kinetics in sulfate media, shown in Figure 2.34a, is in agreement with the observations of
(Horkans 1979). The presence of boric acid lowers the mass transport limited proton reduction current
density and accelerates the onset of water reduction. Decrease in the measured H+ reduction current
density with increasing B(OH)3 concentration, however, is evident here over a broader potential range;
the low current density region is greately affected too, something not observed by (Horkans 1979).
Perhaps adsorption is more competitive at pH 2.0 when proton concentration is higher and hence the
effect of boric acid is not so strong. Another interesting observation by (Zech & Landolt 2000) was
that the current densities measured in sulfate media were much greater than those measured in chloride
or perchlorate media. This is shown in Figure 2.34b and is also in agreement with results reported by
(Horkans 1979) on Pt. (Zech & Landolt 2000) did not investigate the effect of bulk solution pH on
this discrepancy and attributed it to the dissociation of HSO –4 , in contrast to (Horkans 1979). In order
to explain their observations (Zech & Landolt 2000) computed the effects of various dissociation
equilibria and also of mass transport on the interfacial pH at the cathode using a finite difference
code. The equilibria invoked were the dissociation of water, hydrogen sulfate, sodium sulfate, sodium
hydroxide, boric acid (polyborate dissociation theory) and sodium borate but the possible adsorption
of boric acid or any supporting electrolyte species was neglected. The authors were able to explain
the discrepancy between currents in sulfate and chloride media through the dissociation equilibria of
hydrogen sulfate and sodium sulfate. They also explained that the perceived acceleration of water
reduction was in fact still the proton reduction current that was suddenly increased by the dissociation
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of B(OH)3 to B(OH)
–
4 , triggered by the rise in interfacial pH; water reduction is concluded to be
unaffected by boric acid. However, the authors were not able to explain the decrease in current
density prior to mass transport control with any of those equilibia or mass transport considerations
and suggested that the evident inhibition of proton reduction by boric acid is suggestive of competitive
adsorption between H and B(OH)3, which requires future investigations.
The importance of dynamic changes in surface pH which result from a complex interplay between
the HER rate, various chemical dissociation processes and competitive adsorption of charged and
uncharged species has promoted the development of various techniques for conducting accurate in-
terfacial pH measurements in situ. Such measurements are difficult and are not always reliable due
to error introduced by bubble trapping or disruption to flow of current by microscopic pH sensors.
Along with some comic techniques, such as rapid freezing of the electrolyte at the cathodic interface
followed by thin layer removal and melting to measure pH ex situ as a function of distance from the
electrode surface, the technique which, based on recent publications, appears to be the most straight-
forward, reliable and hence popular is that developed by (Deligianni & Romankiw 1993). In this
technique a metal screen electrode is positioned at the tip of a flat-bottomed rotating pH probe. The
thickness of the screen, which acts as a cathode, is a small fraction of the diffusion layer thickness
and as such does not interfere with solution flow. The rotational motion of the pH probe establishes
well defined and reproducible hydrodynamic conditions. The effect of screen aperture size on the
measured quanities of current and pH generates a reproducible trend which allows the extrapolation
of data obtained on a screen to that which would have been obtained on a perfectly flat electrode.
Using this technique the same authors measured interfacial pH during HER on a Ni grid as a function
of potential in the absence and presence of B(OH)3 at various rotation rates in sodium chloride solu-
tions of bulk pH 2.0. HER rates were observed in all cases to increase with increasing rotation rates,
while the simultaneous rise in surface pH was retarded by the increased rates of H+ supply from the
bulk. The effect of B(OH)3 on HER kinetics was the same at that observed by (Horkans 1979) and
(Zech & Landolt 2000). As shown in Figure 2.35, interfacial pH was measured to rise exponentially
during mass transport limited H+ reduction but this rise was observed to level out once H2O reduction
began. For example, prior to the onset of H2O reduction at a rotation rate of 100 RPM, the surface
pH in the absence of B(OH)3 rose to ca. 8 while in the presence of B(OH)3 it rose only to a value of
ca. 5. The authors expected to observe a buffering effect due to boric acid at a pH of ca. 4 (based
on the equilibrium constants for polyborate formation of (Baes & Mesmer 1976)), but they say this
did not take place. Consequently, the authors propose that B(OH)3 inhibits the HER and the decrease
in the rate of surface pH rise is not due to the buffering effect of the acid but due to inhibition of the
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Figure 2.35: Near-surface pH and current density as a function of applied potential for Ni electrode
evolving H2 at bulk pH 2.0 in solutions containing 0.8 M NaCl or 0.4 M NaCl with 0.4 M B(OH)3 at
different RDE rotation rates (recreated from Deligianni & Romankiw 1993)
HER by adsorption and surface site blockage. Evidence for adsorption can be inferred from the fact
that pH rise is inhibited in the presence of B(OH)3 over the entire kinetic region for H+ reduction and
even at surface pH below 4 (when no dissociation is expected). Whilst there is also clear evidence of
boric acid adsorption in other publications it may be worthwhile to note that based on the graphical
results presented in (Deligianni & Romankiw 1993) it does in fact look like the rate of interfacial pH
rise in the presence of boric acid did switch from exponential increase to a decrease at a decreasing
rate at a surface pH of ca. 4. It is, therefore, possible to offer an alternative conclusion that B(OH)3
inhibits the HER at low overpotentials and prior to the onset of mass transport control, but thereafter
its primary function is that of a buffer. It should be noted that the change to the observed kinetics
in the presence of boric acid was greater in the results of (Deligianni & Romankiw 1993) (the entire
kinetic curved was affected) than of (Horkans 1979). Perhaps this is due to the fact that in experi-
ments of (Deligianni & Romankiw 1993) sodium chloride has reduced by a factor of two in solutions
containing boric acid compared to those free of boric acid, which may have improved the competition
between Cl and B(OH)3 adsorption. Alternatively boric acid adsorbs more readily on nickel than it
does on platinum.
2.3.2.2 Nickel(II) Reduction on Nickel Electrodes It is known that during electroplating the
efficiency of nickel reduction is usually lower than unity and that this is predominantly due to the
simultaneous evolution of hydrogen, a process which consumes a proportion of the electrons available
at the cathode surface. It is of great interest to be able to accurately and unambiguously quantify nickel
reduction efficiency as a function of potential, pH and nickel concentration such that kinetic results
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may be predicted. In order to do this a number things must be known. Firstly, the mechanisms by
which H+/H2O and NiII reduction reactions proceed both individually and also simultanously need to
be understood. It has been concluded based on a literature review in section 2.3.2.1 that H2 is evolved
by the Volmer-Heyrovsky mechanism, however there is disagreement regarding the rate determining
step. A large propotion of studies on nickel substrates point to the Heyrovsky step as the RDS,
leading to a large fractional surface coverage by adsorbed hydrogen. It was further observed that,
in spite of this purportedly large surface coverage, the HER may be substantially suppressed in the
presence of boric acid. In the publications discussed above B(OH)3 concentration of ca. 0.4 mol
dm-3 was used throughout and it is, therefore, conceivable in advance that when nickel(II) is added at
molar concentrations, competition for surface sites will further intensify and the results may change
very considerably. The mechanism by which NiII is reduced to Ni0 will naturally play a large role
in the determination of the overall kinetics. The presence of certain anions may introduce further
complications, which is evident from the different results for the HER obtained in sulfate and chloride
electrolytes both in the absence and presence of boric acid. Despite the numerous and extensive
studies, no reaction mechanism has been found that can account for all aspects of observed kinetics.
It should be noted that it is not possible to restrict the literature review of nickel(II) reduction kinet-
ics to studies on nickel substrates alone. Many researchers prefer substrates such as platinum and
carbon (vitreous or glassy) whose oxidation potentials are more positive than those of the H+/H2O
and NiII/Ni0 couples. This, firstly, eliminates the interference from nickel dissolution on the initial
stages of hydrogen adsorption in negative-going linear sweep potentiodynamic scans and, secondly,
it permits the evaluation of nickel deposition efficiency by deposition and subsequent re-dissolution
using Equation 2.158.
ΦeNi = QanodicQcathodic (2.158)
The ratio between the anodic charge required to dissolve the deposit and the cathodic charge passed
to create it gives the efficiency. Efficiency values can thus, in theory, be obtained for deposition at
various cathodic potentials and hence kinetic predictions can be verified against these values. This
technique, however, cannot be used if the substrate is nickel because the anodic charge being passed
to dissolve the deposit will be indistinguishable from that which would be passed during the dis-
solution of the underlying bulk. Consequently, the following review includes studies on a variety
of substrates. Furthermore, given the virtual absence of kinetic studies in sulfamate solutions, the
presented publications are typically conducted in sulfate and chloride media.
Awkward as it is to begin a review of nickel(II) reduction kinetics instead with a publication regarding
the kinetics of iron(II) (Bockris, Drazic & Despic 1961), it is necessary to make an early reference to
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this crucial study because the theory it proposed has been disseminated through many other studies
to the present day and is now widely applied to all iron group metals, including nickel, due to their
similar electronic configuration. These authors analysed the effects of pH, iron(II) concentration,
potential and presence of the sulfate, chloride and perchlorate anions on the rates of FeII reduction and
also Fe0 dissolution based on galvanostatic transients. Both dissolution and deposition were studied
because the mechanisms by which both occur have to be consistent with each other. During the studies
an iron wire electrode was submitted to a series of anodic and cathodic pulses at various current
densities and time. Measurements were carried out in solutions containing FeII over a concentration
range of 0.008 - 0.9 mol dm-3, pH range of 1.2 - 4.9 and current density range of 5.1×10-5 - 10-1
A m-2. Buffer solutions were not used in order to avoid additional interference, presumably through
adsorption. The exchange current densities were calculated from the anodic log(j) vs E lines (where
there is no interference from the HER) by extrapolation to the potential axis of the thermodynamically
calculated values of the reversible potentials for FeII/Fe0 at appropriate concentrations. From these
measurements it was found that the relationship between the exchange current densities and bulk pH
follows Equation 2.159.
∂ln( j0,anodic)
∂ln(aOH−) ≈ 1 (2.159)
The authors conclude from this relationship that the anodic oxidation and, by symmetry, the cathodic
reduction reactions must involve one OH- ion. Consequently, for cathodic reduction the pH changes at
the electrode surface due to H+ discharge and resultant increase in interfacial OH- concentration will
affect the reduction rate. The authors thus include the activity of hydroxide ions in the kinetic rate
expressions for iron deposition. The overall, experimentally determined, cathodic Tafel lines have
Tafel slopes of ca. 60 mV dec-1, as shown in Figure 2.36. These Tafel slopes are said to represent the
net effect of potential on current density coupled with varying pH in the double layer.
The authors amend their kinetic rate expressions (which, it should be noted, do not take adsorption
isotherms into account) based on consideration of ∂ln(aOH-)/∂E at the interface. They thus determine
that Equation 2.160 must be valid:
αc,Fe = 1 − αH (2.160)
αH was determined to have a value of 0.51 from experiments in the absence of iron(II), as shown
in Figure 2.37, and, consequently, αc,Fe is calculated to be 0.49. The true Tafel slope for the pH-
dependent FeII reduction is calculated as ca. 120 mV dec-1, as marked on the graphs in Figure 2.36.
The authors propose a number of reaction mechanisms and then use this calculated Tafel slope
together with the assumption that an OH- ion is involved per reduced / oxidised FeII / Fe0 to select
the most likely mechanism. The mechanism which is said to be most consistent with their results is
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(a) pH = 2.0, βc = 65 mV dec-1, βc,corrected = 123 mV
dec-1 and βa = 48 mV dec-1
ΔE
(b) pH = 3.1, βc = 63 mV dec-1, βc,corrected = 113 mV
dec-1 and βa = 38 mV dec-1
ΔE
(c) pH = 4.0, βc = 60 mV dec-1, βc,corrected = 120 mV
dec-1 and βa = 42 mV dec-1
ΔE
(d) pH = 4.7, βc = 60 mV dec-1 and βa = 30 mV dec-1
Figure 2.36: Fe deposition and dissolution current densities as a function of potential for 0.5 M of
iron(II) sulfate and 0.5 M of sodium sulfate. Corrected values of the cathodic Tafel slopes are ones
which are valid for constant bulk pH at all potentials (Bockris, Drazic & Despic 1961)
ΔE
Figure 2.37: Polarisation data for hydrogen evolution on Fe in 1M Na2SO4 at pH 3.6 based on gal-
vanostatic transients (Bockris, Drazic & Despic 1961)
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shown in Equations 2.161 - 2.163 for the case of Fe deposition.
Fe2+ +OH− ⇌ FeOH+ (2.161)
FeOH+ + e− Ð→ FeOHads (2.162)
FeOHads + e− Ð→ Fe0 +OH+ (2.163)
In their investigation into the effect on anions, the authors conclude that the rate of FeII reduction
depends on the anion present in the order ClO4- > SO42- > Cl-. These conclusions were made based
on measurements of the iron exchange current densities in the presence of these ions. It is proposed
that this order may correspond inversely to the strength of specific adsorption of these anions to the
electrode surface.
There are a number of interesting observations to be made about the work and conclusions presented
in (Bockris et al. 1961). Firstly, the calculated Tafel slopes of 120 mV dec-1 and 40 mV dec-1 for
the cathodic and anodic reactions, respectively, suggest that for any bulk pH the cathodic process is
slower. This seems inconsistent with the reaction mechanism proposed by the authors because if the
iron deposition / oxidation rates indeed increase with increasing concentration of OH- ions then the
cathodic rate should be faster due to the elevated pH (relative to bulk) at the cathodic interface due to
H+ consumption during HER.
Furthermore, the theory categorically states that it is the FeOH+ species that are the reactants at the
cathode. It follows that the free Fe2+ ions are not. This is, again, unconvincing because based on
the iron(II) speciation diagram presented in Figure 2.20 in Section 2.2.2.4, it can be distinctly seen
that FeOH+ is present in significantly lower quantities than Fe2+ accross the entire pH range. The
concentration of FeOH+ is a maximum at the pH of equilibrium between Fe2+ and Fe(OH)2. In
Figure 2.20 this equilibrium pH is ca. 6.5. At this pH, the concentration of FeOH+ is at least 3
orders of magnitude lower than Fe2+. At bulk pH 3, for example, [FeOH+] would be 7 orders of
magnitude lower than [Fe2+]. Given the evidence presented by the speciation diagram and the high
iron(II) reduction current densities presented in (Bockris et al. 1961) even at low pHs it is difficult to
wholeheartedly agree with the theory.
Cathodic reduction may, in reality, be slower than oxidation due to competition for adsorption sites
between hydrogen and iron(II), however, adsorption isotherms were not invoked in the development
of the theory in (Bockris et al. 1961). The point that the pH dependence of the reaction could be
caused by hydrogen adsorbed on, or eminating from, the metal is given only a brief mention by the
authors. It is said that this hypothesis is inconsistent with the intersection of cathodic and anodic Tafel
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lines at the reversible potential (Figure 2.36) or with the results log(j0,anodic) ∝ aFe2+ . It is understood
that the objection is also based on the fact that, by symmetry to the cathodic process, hydrogen would
also need to be adsorbed on the surface during the anodic process, which would in turn require for
hydrogen to be emanated from bulk metal. It is implied that this would require an electron transfer and
hence an exponential dependence of surface coverage on potential, but that this would not describe
the experimentally observed pH dependence.
A final noteworthy observation is that there is an evident trend in the difference between the ther-
modynamically predicted Er for FeII/Fe0 couple and the observed corrosion potentials (potentials at
which the net rate of the reaction changes direction). This may be seen from Figure 2.36. Firstly,
the corrosion potential is positive of the reversible potential but the discrepancy (Er-Ecorr) becomes
smaller with increasing bulk pH and also with increasing iron(II) concentration. In the case of simul-
tanous FeII and H+ reduction the positive shift in the corrosion potential would be consistent with the
additional cathodic current generated by increasing rates of the HER with decreasing pH.
The discussion points raised by this publication will be analysed / verified against the results presented
in subsequent publications.
The deposition theory proposed by (Bockris et al. 1961) is also strongly supported by other authors
through studies of a phenomenon known as ’anomalous co-deposition’, which refers to a staggering
observation during alloy deposition of iron group metals that the discharge rate of the more noble
component is inhibited, causing the appearance of the less noble component at a much higher ratio in
the deposit than in the electrolyte. During iron-nickel co-deposition from non-complexing solutions,
for example, it is found that the rate of iron deposition is higher than that of nickel, despite the fact
that the reverse order is observed when these metals are deposited separately from their respective
baths.
Based on their study of anomalous co-deposition of iron and nickel, (Dahms & Croll 1965) proposed
that the higher rate of iron deposition is catalysed by the higher rate of iron hydroxide formation on the
electrode surface. The authors experimentally produced alloy coatings under potentiostatic conditions
from baths of equal NiII and FeII concentrations at different pHs. Relative deposition rates and effi-
ciencies were calculated by stripping the deposits and analysing for the dissolved concentration using
X-ray fluorescence (XRF). The dissolved concentrations and the value of the current passed during
deposition were used to calculate the partial current efficiency for nickel, iron and proton reduction.
The partial H2 evolution current density was then used to computationally evaluate the interfacial pH
as a function of the HER current density (Figure 2.38). The resultant pH curve is similar in shape to
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In 0.01 M H2SO4
In 0.001 M H2SO4
Figure 2.38: Relative rates of iron and nickel reduction during alloy deposition and the simultaneous
rise in interfacial pH as functions of applied electrode potential in 0.5M NiSO4, 0.5M FeSO4 and
various amounts of H2SO4 (Dahms & Croll 1965)
that measured by (Deligianni & Romankiw 1993).
It was observed that the deposition rate of nickel is changed very little at low overpotentials and
low current densities even in the presence of iron. This rate is however, found to be suppressed
very sharply at more negative potentials. The point at which the rate of iron deposition sharply
exceeds that of nickel has been related to a sharp increase in surface pH, which is reported to occur
during mass transport controlled evolution of H2 (this is also in agreement with the measurements of
(Deligianni & Romankiw 1993)). Anomalous iron deposition is said to onset when H2O reduction
begins. The authors explain that the rise in surface pH causes metal hydroxides to form at the electrode
surface. Although, the difference between the hydrolysis constants for Fe(OH)2 and Ni(OH)2 (given
in (Dahms & Croll 1965) as K=1.8×10-15 and K=1.6×10-16, respectively) are said to be too similar
in magnitude to explain any anomaly it is postulated that the suppression of nickel discharge in the
presence of ferrous hydroxide can be accounted for by assuming preferential absorption of the ferrous
hydroxide on the electrode and the subsequent blocking by this of nickel deposition. Because the iron
deposition partial currents were found to be independent of iron concentration in bulk solution it
was concluded that it is the adsorbed ferrous hydroxide that provides the iron species for discharge.
Publications by several authors, discussed further, show that mass transport controlled H2 evolution
is not a prerequisite for anomalous codeposition.
Nickel electrodeposition kinetics were studied in acidic chloride solutions by (Piatti, Arvia & Podesta
86
1969) on polycrystalline nickel wires. H2 kinetics on Ni were evaluated in the absence of nickel(II)
ions.
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Figure 2.39: Kinetic data in 0.1 M NiCl2 on Ni at various pHs and temperatures (Piatti, Arvia &
Podesta 1969)
From the log(j) vs E relationships obtained in solutions containing NiII in the concentration range
0.004 - 0.5 mol dm-3 and pH range 0 - 6.5 these authors, similarly to (Bockris et al. 1961), found
that the Tafel slopes were 60 mV dec-1 for both the anodic and cathodic curves after correction for
hydrogen, showing no dependence on NiII concentration, while the H+ reduction Tafel slopes were
120 mV dec-1. The initial portion of cathodic Tafel plots at low pH were attributed to the hydrogen
evolution reaction, while the slopes at higher current densities and high solution pHs were attributed
to simultanous deposition of hydrogen and nickel. The corrosion potential (referred to as the rest
potential in this publication) on nickel was found to be much more sensitive to pH than to nickel ion
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concentration, also in similarity to results of (Bockris et al. 1961). However, with reference to the
results of (Bockris et al. 1961) in Figure 2.36 the results of (Piatti et al. 1969) in Figure 2.39 do not
show an evident trend in (Er,NiII /Ni0 - Ecorr) with increasing pH. In fact, across the pH range 1.00-5.30
this difference is ca. 0.2 V. Although not visible in Figure 2.36, the authors say that the cathodic and
anodic lines do not intersect at the reversible potentials for nickel in these solutions. It is noteworthy
that Ecorr is positive of both Er,NiII /Ni0 and Er,H+ /H2 but the difference (Er,H+ /H2-Ecorr) shows an evident
decrease with decreasing pH. The authors comment that, except at very low pH, it is difficult to assign
the initial potential to a mixed potential related to nickel corrosion and hydrogen evolution because it
appears more positive than the corresponding hydrogen and nickel electrode potentials. This is said
to imply that at increasing pH within the acidic region the nickel electrode shows increasing passivity.
Reference is made to the work of other researchers who have shown that the rest potential of nickel
depends strongly on the structure of the metal surface. Given that in these experiments chloride is
present in solution, the authors propose that specific adsorption decreases the potential drop across
the electrode — solution interface and causes an increase in the rate of metal dissolution.
The authors also noted that the exchange current density decreases linearly with proton concentration,
concluding that the reaction mechanism for nickel reduction is analogous to that of (Bockris et al.
1961):
Ni2+ +OH− ⇌ NiOH+ (2.164)
NiOH+ + e− Ð→ NiOHads (2.165)
NiOHads + e− Ð→ Ni0 +OH+ (2.166)
In a modified thought process approach to the problem, (Hessami & Tobias 1989) are of the view that
the decrease in nickel partial current density during alloy deposition with iron can be explained by
considering the relative concentrations of the hydrolysed metal complexes. Based on the equilibrium
data published in (Wagman et al. 1982) the authors calculate that concentrations of FeOH+ are greater
than those of NiOH+. The greater presence of FeOH+ ions is said to have two consequences. The first
is that FeOH+ ions compete with NiOH+ ions for surface sites. The second is that the pH rise at the
surface will be buffered by earlier formation of FeOH+ and thereby retard the formation of NiOH+.
For these reasons, nickel deposition is inhibited in the presence of iron and the higher percentage of
iron in the obtained deposit compared to its percentage in solution may be explained.
The authors construct a mathematical model based on the homogeneous equilibria below (coupled
with convective diffusion equations), the assumption that the four species Fe2+, Ni2+, FeOH+ and
NiOH+ are all reducible via reactions 2.170 - 2.173 and subsequently compare the simulation out-
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comes with experimental results from previously published literature. Basic principles of mass-
transfer and interfacial kinetics were applied to evaluate the surface concentration of metal ions,
their metal-hydroxide ions and the surface pH during electrodeposition of nickel-iron and hydrogen
with the ultimate goal predicting the effect of plating parameters such as agitation, bulk pH, bath
composition, and applied current / potential on alloy composition and current efficiency. Simultane-
ous two-electron transfers are assumed for reactions 2.170 - 2.173 but only NiOH+ and FeOH+ were
assumed to contribute to surface coverage and participate in surface competition for adsorption sites.
H+ +OH− ⇌ H2O (2.167)
Ni2+ +OH− ⇌ NiOH+ (2.168)
Fe2+ +OH− ⇌ FeOH+ (2.169)
NiOH+ + 2e− ⇌ Ni +OH− (2.170)
Ni2+ + 2e− ⇌ Ni (2.171)
FeOH+ + 2e− ⇌ Fe +OH− (2.172)
Fe2+ + 2e− ⇌ Fe (2.173)
The application of this mathematical model to the codeposition of nickel-iron alloys was said to be
successful in predicting the main salient features of anomalous deposition. Firstly, the model was able
to account for the higher ratio of the less noble iron in the alloy compared to a relatively low presence
in the electrolyte in comparison with the more noble nickel. Secondly, the current efficiency of alloy
deposition was simulated to increase with applied potential, which is apparently in agreement with
previous experimental findings. Results also showed that metal hydroxide ions can act as a buffer and
moderate the alkalinity of the cathodic boundary layer. Furthermore, increasing agitation was found
to enhance mass transfer of H+ ions and reduce current efficiency. Moreover, increased agitation was
found to increase the iron partial current density, but decrease that of nickel. This is presumably due
to enhanced FeOH+ supply from the bulk. Finally, the simulation was said to correctly predict that
the partial currents of both nickel and iron increase with pH.
The theory of (Hessami & Tobias 1989) appears in most respects to be excellent but there is an
apparent absence of inclusion of Ni(OH)2 and Fe(OH)2 species in the speciation equations. In their
absence the concentrations of NiOH+ and FeOH+ will of course be much higher and not at all as
negligible as the speciation diagrams in Figures 2.5 and 2.20 show. Furthermore, surface coverage
by adsorbed hydrogen is not taken into account; only the metal hydrolysis complexes are assigned
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surface coverage. The authors assume that 100% of the electrode area is covered at all times by the
nickel and iron monohydroxide adsorbates, which may not be correct.
According to (Matlosz 1993) the mechanism for co-deposition of nickel and iron can be understood
in terms of the competitive rates of formation of the adsorbed intermediate ions Fe(I)ads and Ni(I)ads.
The authors consider the free surface area as equally available for both metals to adsorb at and hence
the ratio of the deposition rates of the two metals are independent of surface coverage. Essentially,
this author asserts that the anomalous nickel-iron deposition has little dependence on pH, and cer-
tainly is not dependent on the pH rise as a result of proton reduction but that the kinetic rate constant
for iron reduction is simply greater than that for nickel. The hydrolysis of the metal ions to hydroxide
complexes is duly considered due to popular support for their participation in the deposition mech-
anism. Experimentally, nothing can be done to reduce the amount of iron in the deposits other than
to decrease the iron(II) concentration in the plating bath. The computational approach here was to
disregard any effect of hydrogen other that in efficiency calculations; the effects of surface pH on local
chemistry or those of surface blockage by adsorbed hydrogen are neglected. The adsorption of metal
ions is assumed to be potential dependent.
The onset of nickel inhibition at a specific potential is related to the interactions between the rates
of the electrosorption step for each of the two metals depositing alone. The basis of the model is a
standard two-step reaction mechanism for irreversible electrochemical reduction of either of the two
metals depositing alone, with each of the two reactions having its own potential-dependent kinetic
rate. The kinetic rate constants presumably contain the choice of reference potential because, like
in the approach of (Hessami & Tobias 1989), the only potential in the exponential is the absolute
electrode potential. Anodic terms are neglected in the rate expressions, as appears to be common. It
is reported, based on other publications, that sometimes a change in the Tafel slope with potential is
observed which is said to be indicative of change in the rate determining step between the first and
second electron transfer reactions during single metal deposition. Purportedly, at low overpotentials
the reaction rate is limited by the rate of adsorption but at high overpotentials the rate of absorbate
reduction becomes the limiting step. It is proposed that the potential at which the rate determining step
changes, is more positive in the case of iron, and that is why iron deposits at less negative potentials
than nickel and in larger quantities. It is said, contrary to some publications, that at low overpotentials
the nickel reduction rate is not affected by the presence of iron. In the low overpotential region the
rate of metal deposition is said to be proportional to concentration; in the high overpotential region
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the rate is not concentration-dependent. This is shown mathematically in Equations 2.174 - 2.178.
rNi
rFe
= k1,Ni[NiII]
k1,Fe[FeII] (2.174)
Therefore,
rNi
rFe
= k01,Ni[NiII]
k01,Fe[FeII]e(α1,Ni−α1,Fe)V (2.175)
Hence, the nickel(II) reduction rate can decrease relative to the iron(II) reduction rate with increasing
potential when the following condition is met:
α1,Fe>α1,Ni (2.176)
Using a similar method for the second set of reactions steps (when the system is in steady state):
rNi
rFe
= k2,NiθNi
k2,FeθFe
(2.177)
Combining Equation 2.174 with Equation 2.177:
k1,Fe[FeII]
k2,Fe
≫ k1,Ni[NiII]
k2,Ni
(2.178)
if the difference (α1, Fe - α2, Fe) is much greater than the corresponding difference (α1, Ni - α2, Ni). In
other words, although for both metals at high overpotential the intrinsic rate for electrochemical ad-
sorption is much faster than the second electron transfer step, the difference in rates is much larger
for iron than for nickel due to the difference in Tafel constants. At low overpotential, the low partial
current for iron deposition is accompanied by low iron coverage. With essentially a free available
surface area, no serious competition is said to exist between iron and nickel adsorption rates and both
metals deposit more or less normally and independently according to their single-metal kinetics. This
behavior, which is in agreement with experimental observations by (Dahms & Croll 1965), for exam-
ple, is a direct consequence of the competitive adsorption model and does not depend on hydrogen
evolution kinetics or on changes in surface pH with potential. With decreasing potential, inhibition
of the nickel reaction begins immediately as soon as the potential is reached at which competition
for surface coverage begins to become important. The author considers the nature of the cations that
are actually being reduced, i.e. Ni2+ or NiOH+ and concludes that pH dependence could only be ob-
served when nickel(II) is partially free and partially hydrolysed and because no pH dependence will
be observed when most nickel exists as free nickel or when most nickel is hydrolysed.
In a more recent publication (Zech, Podlaha & Landolt 1999) propose yet another theory to explain
the anomalous co-deposition for the iron group metals, which is summarised in Equations 2.179 -
2.184 where M1 is more noble than M2.
MII1 + e− → MI1,ads (2.179)
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MI1,ads + e− → M1(s) (2.180)
MII2 + e− → MI2,ads (2.181)
MI2,ads + e− → M2(s) (2.182)
MII2 + MII1 + e− Ð→ [M2M1(III)]ads (2.183)
[M2M1(III)]ads + e− Ð→ M2(s) + MII1 (2.184)
The present model is based on the assumption that both single metals are reduced in two consecutive
steps, as described by (Matlosz 1993). It remains ambiguous whether M1 and M2 are hydrolyzed or
not. Each adsorbed reaction intermediate is assumed to occupy a fraction of the electrode surface.
Reactions 2.183 and 2.184 are proposed because without them simultaneous deposition of two metals
can result in inhibition of one or both of the codepositing species, but there can be no increase of the
reaction rate compared to single metal deposition. On the whole the model assumes that deposition
involves an adsorbed reaction intermediate, [M2M1(III)]ads, containing both metal ions in partially
reduced form. This reaction intermediate is responsible for both the inhibition of the more noble
species and the enhancement of the less noble species. Differences in the deposition behavior of
the three alloy systems are thus due to differences in the surface coverage of the mixed reaction
intermediate. The exact stoichiometry of the reaction intermediate, [M2M1(III)]ads, is not known.
During codeposition the M2 can be deposited according to two parallel reaction paths, 2.182 and
2.184, and its rate of codeposition therefore can be higher than that during single metal deposition.
M1 is always deposited according to 2.180 and therefore, can be inhibited but not catalyzed by M2.
The extent of the catalysis or inhibition will depend on the values of the rate constants of the different
electrode reactions which determine the surface fractional coverages by M1, M2 and [M2M1(III)]ads.
It is assumed that pH dependent hydrolysis equilibria do not directly influence the reduction rate of
metallic species. This assumption is somewhat questionable because it is widely reported (Bockris
et al. 1961) (Piatti et al. 1969) that the kinetics of deposition and dissolution of Fe are pH dependent.
Reduction of protons and of water molecules are duly included in the model. Mass balances within
the diffusion layer are also applied to the model. Adsorption of the supporting electrolyte containing
boric and sulfuric acid is considered negligible.
The authors verified their theory experimentally by studying the codeposition behavior of three alloy
systems, FeNi, FeCo, and CoNi in pH 3.0 sulfate electrolytes on rotating cylinder electrodes under
galvanostatic conditions. The partial current densities of the codepositing metals and of the HER
were determined from an analysis of the deposit and were compared with those measured for the pure
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metals deposited under identical conditions. Results confirmed that Ni(II) reduction is inhibited by
the presence of the less noble Fe(II) and Co(II) ions.
(Epelboin, Joussellin & Wiart 1981) reported a study of electrode kinetics in nickel sulfate, nickel
chloride and mixed electrolytes on a brass RDE using electrochemical impedance spectroscopy (EIS)
under galvanostatic conditions. Data was obtained and compared for 1.22 M nickel chloride, 1.07M
nickel sulfate + 0.15 M nickel chloride and 1.22 M nickel sulfate all at pH 3. j vs E results show that
the overpotential required to drive nickel deposition was considerably lower in chloride solutions.
This is explained by the difference in activity coefficients in sulfate and chloride electrolytes; they are
said to be higher in the latter. When the overall kinetic curves are compared for pH 1.5 and 3.0 in
the presence of 1.22 mol dm-3 of NiII, the overall currents were higher in the more acidic solution.
Efficiency calculations (method of analysis not described) showed, however, that while current effi-
ciencies at pH 3.0 can be as high 90%, at pH 1.5 they decreased to 40%. At pH 3.0 kinetics were
found to slow down as nickel(II) concentration was reduced. Based on these observations the authors
conclude that kinetic parameters, in particular the transfer coefficients, of the interfacial reactions
leading to nickel deposits are pH dependent and are affected by hydrogen ions.
Specific features on the impedance spectra have been linked to particular processes. Namely, low
frequency capacitive features were said to be caused by adsorbed hydrogen and an inductive loop at
high frequencies is attributed to a monovalent nickel intermediate. The prominence of the capacitive
loop diminishes while that of the inductive loop increases when nickel deposition efficiency increases,
pointing to the fact that in sulfate electrolytes the electrode kinetics are governed by the interactions
between the hydrogen and nickel discharges. In chloride electrolyte impedance spectra was found to
remain virtually unaffected by pH, but an inductive loop at lower frequencies appeared, which was
attributed to adsorption of anions. It was concluded that in chloride electrolytes pH has a weak, if
any, influence on the interfacial processes.
The authors model their data using parameter estimation software based on the standard kinetic rate
expressions (not including oxidation reactions). Nickel kinetics in sulfate media are modelled in
(Epelboin et al. 1981) while nickel kinetics in chloride media are modelled in a subsequent publication
(Chassaing, Joussellin & Wiart 1983). Most strikingly, despite the clear evidence from impedance
spectra that nickel and hydrogen adsorption are coupled, the authors state that in their model the HER
will not be de-coupled into the single electron transfer steps and an adsorbed hydrogen intermediate
but will be modelled as a simultaneous two-electron transfer. In the absence of NiII there was no
evidence of the low frequency capacitive loop during HER (these results are not presented in the
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publication). Hads was concluded to be an inhibitor to hydrogen evolution, despite the numerous
studies published prior to 1981 which report that HER in fact must take place via Hads. Instead, in
their model for sulfate media the authors build in the effect of pH into the transfer coefficients for
nickel reduction and propose the following nickel reduction scheme, although they do not indicate
the complexation state of NiII (i.e. whether it is Ni2+ or NiOH+):
NiII + e− Ð→ NiIads (2.185)
NiIads + e− Ð→ Ni (2.186)
It is proposed that adsorbed nickel(I) catalyses the reduction of nickel(II) in a simultaneous two-
electron transfer:
NiIads + NiII + 2e− Ð→ Ni + NiIads (2.187)
In what appears to contrast experimental observation the authors propose an additional reaction step
in which adsorbed nickel(I) catalyses adsorption of hydrogen:
NiIads + H+ + e− Ð→ NiIads + Hads (2.188)
Finally, in their model (Epelboin et al. 1981) allow for the possible contribution from the Tafel re-
combination step and from absorption of adsorbed hydrogen into the nickel deposit:
Hads + Hads Ð→ H2 (2.189)
NiIads + Hads + e− Ð→ Ni + Habs (2.190)
In the model the Langmuir isotherm is applied and NiI and Hads represent two different surface cov-
erages. It is understood that kinetic parameters were in fact fitted until the kinetic results were well
described and that the nickel reduction transfer coefficients were altered manually to simulate the
effect of changes in pH and nickel concentration.
Because of the evidence of anion adsorption (low frequency inductive loops) in chloride solution
and the evident effect of this on kinetics a different model to that for sulfate media is presented in
(Chassaing et al. 1983). The model here is said to be based on slow desorption of an adsorbed anionic
species. In addition to the studies in chloride solution reported in (Epelboin et al. 1981) the authors
studied the effect of boric acid. It was observed at pH above 1.5 that the inductive loop representing
anion adsorption disappears at potentials negative of -0.705 V(SCE) in the absence of boric acid but
that desorption is held off until ca. -0.76V (SCE) in the presence of boric acid. This suggests that
either boric acid also adsorbs or it influences chloride adsorption. However, excluding boric acid from
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the model and focusing on the effect of chloride ions (Chassaing et al. 1983) replace reaction steps
2.185 - 2.186 in the model for sulfate media with reactions 2.191 - 2.193:
Ni +Cl− Ð→ NiClads + e− (2.191)
NiIads +Cl− Ð→ NiClads (2.192)
NiClads + e− Ð→ Ni +Cl− (2.193)
In the model NiClads is not considered an inhibitor to the HER which in this case is said to take place
over the entire electrode area. The approach to parameter estimation is the same as above.
(Proud & Muller 1993) used electrochemical impedance spectroscopy to study the nickel deposition
on a vitreous carbon (VC) RDE in sulfate and chloride electrolytes in the absence of additives at pH
3 and pH 5 at nickel ion concentrations of 5, 10 and 50 mM in order to obtain more information
regarding the mechanism of NiII reduction and the influence of the various individual steps in the
electrodeposition process. As in the studies of (Epelboin et al. 1981) and (Chassaing et al. 1983),
kinetics were found to be much more dependent on pH in sulfate electrolyte and, again, the theory of
homogeneous NiOH+ complex formation is invoked to explain the results.
In a recent study (Santana, Diaz, Barcia & Mattos 2009a) (Santana, Diaz, Barcia & Mattos 2009b)
nickel reduction kinetics in sulfate media of pH 4-6 were experimentally investigated on a Pt RDE.
Electrode surface pH was measured using the technique of (Deligianni & Romankiw 1993) simulta-
neously with current as a function of applied potential and electrochemical impedance spectroscopy
measurements were made for certain points on the kinetic curves. These authors support the model
of (Epelboin et al. 1981) but only in the pH range 1-3. They report that at pHs above 3 their own
impedance results deviate from that of (Epelboin et al. 1981). Consequently, an alternative kinetic
theory for the pH range 4-6 was proposed (Equations 2.194 - 2.197) and based on this model the data
was processed using parameter estimating software for the estimation of kinetic rate constants and
transfer coefficients.
Ni2+ + H2O + e− ⇌ [Ni(OH)+]ads + H (2.194)
[Ni(OH)+]ads + Ni2+ + 2e− Ð→ [Ni(OH)+]ads + Ni (2.195)
[Ni(OH)+]ads + e− ⇌ [Ni(OH)]ads (2.196)
[Ni(OH)]ads + Ni2+ + 2e− Ð→ [Ni(OH)]ads + Ni (2.197)
Without going into the particulars of the study it is clear that this mechanism is not valid because
it imposes an electron stoichimetry of 3 on the NiII reduction reaction (the first electron is used to
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reduce a proton to form an adsorbed hydrogen) which essentially imposes a constraint of 66.6% on
the maximum current efficiency that could be achieved during nickel electrodeposition. This is clearly
in complete disagreement with efficiency results published in literature (Epelboin et al. 1981), (Tsuru,
Nomura & Foulkes 2002), (Ji et al. 1995), (Holm & O’Keefe 2000a), (Njau et al. 1998) and also with
results presented in this thesis.
(Supicova, Rozik, Trnkova, Orinakova & Galova 2006) investigated the kinetics of nickel electrode-
position from chloride solutions in the concentration range 10-3 - 10-2 mol dm-3 in the absence and
presence of boric acid at a parafin impregnated graphite electrode (PIGE). The methodology was
linear sweep and cyclic voltammetry with the application of a technique called ’elimination voltam-
metry with linear scan’ (EVLS). EVLS scans are performed in the same solutions, at different scan
rates. One of the scan rates is fixed as a ’reference’ scan. The total measured curents are a sum of
contributions from kinetic, charging and diffusion currents and with the aid of different scan rates the
desired current contribution can be eliminated and studied. In this case the authors were interested
in the kinetically controlled region of the polarisation curves and the manner in which it is affected
by the solution chemistry. In the absence of nickel the authors find that in the overpotential required
to drive the currents in chloride electrolytes is ca. 400 mV higher than for sulfate electrolytes. This
difference is attributed to the specific adsorption of Cl- at the electrode. Adsorbed Cl- ions are said
to be released at sufficiently negative potentials, allowing the reduction of hydrogen ions to proceed.
Thus, the adsorption of Cl- onto the PIGE shifts both the adsorption of hydrogen and its reduction to
more negative potentials and there is competition between Cl- and H+ ions. It should be noted that
the kinetics of the HER on PIGE are much slower than on metal substrates. In the presence of nickel
ions, the nickel reduction potential predictably shifts to less negative potentials with increasing nickel
concentration but the NiCl+ species, which the authors assume are the predominant reactants, undergo
reduction at sufficiently negative potentials for the Cl- ion to desorb first. Cl- apparently has to desorb
before nickel is reduced. The authors also find that the nickel reduction current is not proportional to
nickel concentration. The mechanism for nickel reduction given by the authors is consistent with that
of (Chassaing et al. 1983).
Potentiostatic transient studies by (Saraby-Reintjes & Fleischmann 1984) revealed some interesting
observations from nickel(II) reduction kinetics in Watts baths on a VC substrate. Firstly, the dis-
tinct conclusion in this publication is that no dependence of kinetics on pH exists in the presence
of chloride but that the reaction rate is proportional to chloride concentration and hence the nickel
complexation by chloride theory is supported. The authors correct the measured currents for the hy-
drogen component, which they measure in the absence of nickel(II) (they assume, therefore, that the
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two processs are not coupled). Tafel slopes for nickel deposition, after correcting for the HER, were
found to be high and irreproducible following electrode preparation by mechanical polishing. Tafel
slopes obtained from steady state currents are a small function of pH, decreasing with increasing pH.
The results at higher pH are said to be more dependable. Based on transient methods the surface pH is
found to vary but the reaction order with respect to OH- is found to be zero (or that the reaction order
is not zero but surface pH in steady state is constant). The authors state that no dependable results
can be obtained at pH less than 3 due to severe interference from hydrogen. Current is found to vary
linearly with nickel concentration and with chloride concentration. The rate determining step is said
to be the first electron transfer. The following conclusions are drawn:
(a) The cathodic reaction order with respect to Ni2+ ions is + 1,
(b) The cathodic reaction order with respect to Cl- ions is +1,
(c) The cathodic reaction order with respect to H+ and OH- ions is 0
(d) The cathodic Tafel slopes obtained have an average value 114.5 mV dec-1.
(Orinakova, Streckova, Trnkova, Rozik & Galova 2006) investigated nickel electrodeposition on PIGE
at pH 2, 3 and 4 from sulfate and chloride electrolytes, separately, employing cyclic voltammetry,
chronoamperometry and elimination voltammetry with linear scan. The purpose of the study was to
investigate the effect of the two different anions on nickel electroplating kinetics from Watts. The
authors find that the specific adsorption of chloride anions on the surface of PIGE caused a shift
of proton reduction potential to more negative values, and a decrease of reduction current. They
conclude that nickel electrodeposition proceeds from NiCl+ in chloride electrolytes but from NiOH+
in sulfate electrolytes. Hydrogen evolution begins at less negative potentials than nickel reduction in
sulfate electrolytes and the accompanying surface pH changes then induces nickel deposition from
NiOH+. The converse is true for chloride electrolytes because adsorption of chloride diminished
the HER rate. Potential values between the cathodic and anodic processes in chloride and sulfate
electrolytes were 600-700 mV and 800-1000 mV, respectively. The difference between the onset of
deposition and oxidation potentials proved the irreversible character of the electrochemical reaction
in both electrolytes. In general, currents in chloride electrolytes are lower than in sulfate, due to
chloride adsorption. The onset of deposition potential in chloride electrolyte shifted negatively with
increasing proton concentration. Hydrogen adds to the surface competition for active sites. The
deposition of nickel followed by hydrogen evolution may proceed only after the chloride ions had
been released from the electrode surface at sufficiently negative potentials. Apparently, in sulfate
electrolytes the increasing concentration of protons facilitates the reduction process, indicating that
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the onset of overall reduction process is associated with the reduction of protons. From the graph
presented it appears that the earlier onset of current flow at lower pH is not necessarily due to nickel
deposition but is probably just due to the hydrogen component of the total current. This is particularly
likely at the low concentration of nickel(II) used (1mmol dm-3).
(Ji et al. 1995) used the in situ surface pH measurement technique of (Deligianni & Romankiw 1993)
to examine the surface pH and nickel deposition kinetics as a function of time under galvanostatic
conditions (60-760 A m-2) for three nickel(II) concentrations of ca. 1 M, 2 M and 3 M at a starting
bulk solution pH of 2.5 in sulfate, chloride and mixed media.
Figure 2.40: Surface pH as a function of current
density for different NiCl2 concentrations at a 500
mesh gold gauze and bulk pH 2.5. Key: (a) 3M
NiCl2; (b) 2M NiCl2; (c) 0.937M NiCl2 (Ji et al.
1995)
It was observed that the presence of sulfate ions
suppresses the rise of the surface pH and that the
current efficiency of nickel electrodeposition de-
creases continuously with the increase of sulfate
concentration and the decrease of chloride con-
centrations. Chloride ions are said to promote
the deposition of nickel and this is convention-
ally believed to be due to catalysis of electron
transfer via a ’chloride ion bridge’ between NiII
ions and the cathode surface. The authors be-
lieve this to occur by the overlapping of the chlo-
ride ion orbitals, which are distorted by the high local electric field in the electrical double layer, with
part of the orbitals of nickel. According to another reported theory, chloride ions enter the hydration
sphere of the nickel ions and replace one of the associated water molecules so that the nickel ions are
able to move closer to the cathode surface and engage in electron transfer. The current efficiencies are
found to have the order of ΦeNi(NiCl2) > ΦeNi(NiCl2 + Na2SO4) > ΦeNi(NiCl2 + NiSO4) > ΦeNi(NiCl2
+ NiSO4 + Na2SO4). On the whole, it was found that lower bulk pH, higher nickel concentration,
higher temperature and the additions of B(OH)3 suppressed the rise of the cathode surface pH. As
shown in Figure 2.40, during electrolysis higher current densities are required to raise the surface pH
in more concentrated nickel chloride solutions. The authors attribute this to pH buffering by metal
hydrolysis. It is equally conceivable, however, that HER is retarded by a higher surface coverage by
adsorbed nickel at higher concentrations and hence the pH rises less rapidly.
Following an investigation on platinum using the deposition / dissolution technique in order to eval-
uate nickel reduction efficiency (Hoare 1987), concluded that boric acid is a catalyst to nickel(II)
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reduction and is not a buffer. The author finds that the rate of Ni deposition depends on the concen-
tration of boric acid. Testing the effect of boric acid in the concentration range 0-0.3 mol dm-3 on
cathodic and anodic polarisation curves in 0.6 mol dm-3 nickel sulfate and at pH 3, it was observed
that the nickel(II) reduction current efficiency, measured using the areas under the cathodic deposi-
tion and anodic stripping peaks, rises with increasing boric acid concentration (Figure 2.41a). As the
concentration of boric acid is increased from 0.05 through 0.1, 0.15, and 0.2 M, the nickel dissolution
peak is observed to increase. This behavior is suggested to be caused by the formation of a complex
between Ni2+ ions and boric acid, as reported in (Tilak et al. 1977), but instead of invoking this com-
plex to explain the buffering action of H3BO3, the author uses it to suggest catalysis. The absence of
any new peaks in cyclic voltammograms with increasing boric acid concentration lead the author to
conclude that the NiII-B(OH)3 complex must form homogeneously and not strictly on the electrode
surface.
(a) Effect of boric acid concentration on nickel
reduction efficiency (ΦeNi = ’Area’ = Qa/Qc) in
0.6M NiSO4 solution at pH 3.0 (Hoare 1987)
(b) Efficiency dependence on boric acid con-
centration at 18 A dm-3, pH 4.0 (Tsuru et al.
2002)
Figure 2.41: Effect of boric acid on the efficiency on nickel(II) deposition
(Tsuru et al. 2002) studied the effect of boric acid in the concentration range of 0 - 0.81 mol dm-3 on
nickel deposit stress and current efficiency of deposition at pH 4.0 in 1.55 mol dm-3 nickel sulfamate
solutions at 50oC under galvanostatic conditions. The amount of nickel deposited was determined by
dissolving the nickel film in acid and analysing the resulting solution using atomic absorption. The
addition of boric acid was said to suppress the hydrogen evolution reaction. The solution pH at a
distance of 0.1 mm from the depositing nickel film was measured in situ using a miniature pH sensor
assembly consisting of a thin wire-type antimony electrode and an Ag/AgClsat reference electrode.
The authors doubt the buffering function of boric acid in pH 4.0 solution due to its equilibrium with
monoborate at pH ca. 9.23. The conclusions drawn from the studies are that this ability of boric acid to
suppress hydrogen evolution is observed only in the presence of nickel ions indicates the involvement
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of some kind of mutual interaction between boric acid and a nickel-containing intermediate formed
during the deposition process, although, unfortunately, detailed evidence is not presented. Interfacial
pH measurements showed that surface pH rose much more at lower concentrations of boric acid. At
the maximum concentration of 0.81 M the interfacial pH rose very little relative to the bulk. It was
also found that the higher the solution pH the greater the strain in the deposit but that both strain and
stress decrease dramatically as boric acid is added. Cracks are observed in the absence of boric acid.
(Holm & O’Keefe 2000b) used electrochemical impedance spectroscopy during galvanostatic studies
of the effect of boric acid on nickel electrodeposition on steel at nickel sulfate concentrations of ca.
0.68 - 1.02 mol dm-3 in solutions of pH 2.0-3.5 The quality of the deposits was examined using
an optical microscope and SEM, while change in electrode mass was used to evaluate the current
efficiency of deposition. The authors clearly determined that when a low frequency loop (few Hz)
on the impedance spectra dominates over the high frequency loop, deposits are degraded through
cracking, embrittlement and decolourisation. When the high frequency loop predominates (1 kHz)
the corresponding deposits are smooth, flat and exhibit good ductility. Intermediate quality deposits
show both loops. The best quality deposit was reported in the presence of ca. 0.16 mol dm-3 of boric
acid and 0.68 mol dm-3 of nickel ions at pH 2.5. In the absence of boric acid the higher frequency
loop only dominated when the upper band of nickel concentrations were used or pH was below 2. At
pH 3.5 and above deposit was degraded with the low frequency loop dominating and generally the
deposit was brittle if no boric acid was used. The same conclusion regarding the necessity of boric
acid addition for good deposits is made in a subsequent sutudy (Holm & O’Keefe 2000a).
Nickel electrodeposition from chloride solutions on a graphite electrode was investigated for various
concentrations of boric acid at pH 2.0 by (Supicova et al. 2006). Electrodeposition was studied using
linear sweep and cyclic voltammetry in the cathodic region in solutions where the concentration
of boric acid was one oder of magnitude lower than, equal to and one order of magnitude higher
than that of nickel chloride. Results show that at low boric acid concentrations (ca. 10-4 mol dm-3)
the nickel(II) reduction curves were unaffected. However, as more boric acid was added the nickel
reduction onset was shifted to more negative potentials. It is said that at small concentrations boric
acid acts only as a buffering agent but when there is an excess of boric acid, this neutral molecule
adsorbs onto the electrode surface, inhibiting the reduction of nickel and shifting it to more negative
potentials. Moreover, after potentiostatic deposition under identical conditions in the presence and
absence of boric acid, it was found that the adsorption of B(OH)3 onto the electrode surface apparently
inhibited the growth of Ni nuclei. Optical micrograps showed that when both nickel chloride and boric
acid concentrations are 0.1 mol dm-3 at pH 2, the nickel deposit structure is greatly refined, with a
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smoother, brighter finish but also trapped hydrogen bubbles. While it is not clear from this research
whether the addition of boric acid results in improved deposition efficiency, it is clear that the boric
acids exhibits some heterogeneous effects, which result in improved deposits, as well as homogeneous
effects, which suppress the passivation of the electrode surface.
The effect of boric acid, studied in the concentration range 26-49 g dm-3, on the internal stress of the
deposits was found to be nil (Marti 1966).
(Yin & Lin 1996) conducted an investigation into nickel-iron co-deposition in the presence and ab-
sence of boric acid. The influence of boric acid on single Fe, single Ni and alloy deposition was
evaluated at a Cu RDE under potentiostatic conditions at pH 3.0. Boric acid was added at 0.4 mol
dm-3. Iron(II) sulfate and nickel(II) sulfate concentrations were 1 and 0.5 mol dm-3, respectively. De-
posits were dissolved in acid and then diluted for atomic absorption analysis to determine the nickel
and iron contents. The deposition time was adjusted so that the total charges applied were 4.0 C. Un-
fortunately, currents are only shown for potentials negative of -0.9 V (SCE). Between -1.2 ≤ E (SCE)
V ≤ -0.9 the iron deposition partial current is found to be greater when nickel is present in solution.
However, in the range -1.5 ≤ E (SCE) V ≤ -1.2 the converse was true. It was observed that iron
deposits fastest in the absence of nickel(II) and in the absence of boric acid. However, if nickel(II)
is added the iron(II) reduction partial current density is greatest only once boric acid is also added.
These results lead the authors to conclude that boric acid acts as a selective membrane against nickel.
It is postulated that boric acid participates in the competition on surface sites with FeOH+ and NiOH+
and the surface fraction occupied by boric acid completely blocks the passage for the reduction of
NiOH+ but only partially blocks the passage for the reduction of FeOH+. This is an extraordinary
proposal since it is well known that boric acid does not inhibit nickel electrodeposition in the absence
of iron. The effect of boric acid on nickel reduction must be the same whether in the presence or
absence of an additional metal.
In the latest study on nickel(II) reduction in the presence of boric acid on a Ni RDE, (Vazquez-Arenas
& Pritzker 2010a) developed a kinetic model based on kinetic and EIS data collected at pH 3.0. In
modelling the authors use the following relationships:
jNi,c1 ∝ [NiII](1 − θNi − θH) (2.198)
jH,c1 ∝ [H+](1 − θH − θB) (2.199)
νB,adsorption = kB,ads[B(OH)3](1 − θB) (2.200)
νB,desorption = kB,desθB (2.201)
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θB = kB,ads[B(OH)3]bulkkB,ads[B(OH)3]bulk + kB,des (2.202)
The crucial elements of this model are the assumptions that adsorption of boric acid is impeded by
neither hydrogen nor nickel; that adsorption of boric acid inhibits adsorption of hydrogen but does not
affect the adsorption of nickel; and that nickel adsorption is inhibited by hydrogen. This logic with
regard to the adsorption of boric acid is designed to maintain consistency with previously published
experimental evidence that boric acid either catalyses nickel deposition or improves the deposition
efficiency. Adsorption of boric acid is assumed to be reversible and when in steady state the adsorption
and desorption terms are equal and, most importantly, the mass balance on surface coverage by boric
acid may be solved independently of nickel and hydrogen.
Based on linear sweep curves the authors selected the kinetic region over which mass transport could
be neglected and collected impedance spectra in that region under potentiostatic conditions. The mea-
sured currents were calculated as a ratio of predicted mass transport limited ones to make sure they
were not of the same magnitude. In this region, adsorption buffering effects due to boric acid dissoci-
ation were assumed negligible. The EIS data was statistically fit to spectra measured at different base
potentials and nickel sulfate concentrations (0.05, 0.1 and 0.2 M) to estimate the kinetic parameters
for the proposed mechanism. Once the parameters were obtained, steady-state polarisation curves
were computed using the model and compared to experimentally determined ones. Based on their
parameter estimation procedure the transfer coefficient for the reduction of NiII to NiI does not exceed
0.3 and this coefficient is most sensitive to changes in the environment while the other coefficients are
not. Hence, they conclude that the first electron discharge is rate determining.
2.3.2.3 Summary of Literature on Ni Electrodeposition Kinetics and Mechanisms In conclu-
sion, theories of the mechanism of nickel electrodeposition differ for sulfate and chloride electrolytes.
No study has reported identical kinetics in these two solutions regardless of pH or nickel concen-
tration. In chloride solutions nickel is said to be reduced from the NiCl+ complex because reaction
order is proportional to both nickel and chloride concentrations in solution. This is readily believable
because at chloride concentrations above ca. 10-4 mol dm-3 this complex exists as a high proportion of
the total nickel concentration (Figure 2.10). Furthermore, free Cl- ions are said also to play a role in
surface procsses; however, observations on this point differ. Some authors observe that the presence
of chloride inhibits other electrode processes due to competitive specific adsorption at the electrode
surface even at E < pzc. Other authors observe catalysis of nickel reduction and explain this by the
formation of a chloride bridge which favourably alters the electrostatics at the electrode surface.
102
In sulfate electrolytes, in which the anion does not readily adsorb on the electrode surface, kinetics
tend to show pH dependence. Many authors attempted detailed investigations involving measure-
ments of surface pH and most studies support the theory of deposition catalysis by monohydroxide
formation in the higher acidic pH range, proposed originally by (Bockris et al. 1961). This theory is
also invoked to explain anomalous co-deposition of iron group metals. What is most unconvincing
about this theory is that the presence of NiOH+ is absolutely negligible in aqueous solution, at any
pH. Repeated failure by authors to include of Ni(OH)2 in their speciation calculations, suggest that
incorrect NiOH+ concentrations were assumed. Works of (Matlosz 1993) and (Zech et al. 1999) show
that other explanations for anomalous co-deposition exist, namely that either the rate constant for the
reduction of less noble metals are intrinsically higher or that a two-metal complex is formed which
favours the deposition of the less noble component. However, strangely, until the work of (Vazquez-
Arenas & Pritzker 2010a) no authors attempted to explain the results simply by considering competi-
tion of reactants for surface sites and the effect of relative concentrations on this competition. (Bockris
et al. 1961) rejected such a possibility but without a particularly clear explanation. The assumption of
(Vazquez-Arenas & Pritzker 2010a) regarding the interaction between adsorbed hydrogen, nickel and
boric acid is most interesting because the authors assert that boric acid adsorption is totally indepen-
dent of surface coverage by hydrogen or nickel and that while boric acid inhibits H adsorption, it does
not effect the adsorption of Ni. This theory was proposed in keeping with experimental observations
that nickel deposition is favoured and not inhibited by boric acid.
The assumptions made in (Vazquez-Arenas & Pritzker 2010a) provoke the thought that this theory
of independent surface coverage by boric acid can be verified experimentally. According to equation
2.104 adsorption of neutral molecules is maximum at the pzc, and so any discrepancy between kinetic
data is obtained in the absence and presence of boric acid should be maximum at the pzc. Also, the
ratio between the currents in the absence and presence of boric acid should not become smaller with
increasing proton concentration.
2.3.3 Electrochemical Reactors for Nickel Recovery
Factors desirable in the design of electrochemical reactors are highlighted in (Walsh 2001):
1. Moderate costs (low cost components, low cell voltage, small pressure drop over the reactor)
2. Convenience and reliability in operation (designed for facile installation, maintenance, and
monitoring)
3. Appropriate reaction engineering (uniform and appropriate values of current density, electrode
103
potential, mass transport, and flow)
4. Simplicity and versatility
5. Easy handling and harvesting of products
while the essential features during operation are:
1. High surface area electrodes
2. High mass transport to electrodes
3. High conductivity and ease of electrical connection to electrodes
4. Low potential drop over electrodes and membranes
5. Uniform current density distribution
6. Uniform electrode potential distribution
7. Low solvent transport rate through membranes
Minimisation of overpotential and ohmic losses are essential in order to minimise energy consump-
tion. Appropriate strategies include the use of conductive, catalytic electrodes and membranes, cou-
pled with the use of small inter-electrode (or membrane-electrode) gaps.
In terms of electrode materials one is mostly constrained to the choice of materials which are already
available in the laboratory. High mass transport rates can be achieved by the use of electrode move-
ment or by solution agitation. The benefit of maximising mass transport is particularly crucial when
reactant concentration is low. When mass transport rates are increased, higher current densities can
be applied. The rate of mass transfer, the current density, and the current efficiency are the key param-
eters determining the economical feasibility of the electrochemical process (Koene & Janssen 2001).
The potential distribution, determining the local current density and current efficiency, tends to be
more or less uniform for two-dimensional electrode, but changes strongly with increasing electrode
depth for a three-dimensional electrode. The rate of mass transfer to a membrane is comparable to
that of a flat-plate electrode. The current density distribution in the cell is mainly dependent upon the
cell geometry including the positioning and shape of the electrodes.
There does not exist a single reactor structure in which the dissolved metal concentration in the eﬄu-
ent can be depleted from high concentration (molar) down to the environmentally safe limit (in ppm)
(Njau & Janssen 1995). Two different types of reactors for two concentration ranges must be used to
treat the eﬄuent:
1. Metal ion concentration > 1 g dm-3: a two-dimensional electrode structure is required to obtain
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concentration levels in the range 0.1 - 0.5 g dm-3.
2. Metal ion concentration < 0.1 g dm-3: a three-dimensional electrode structure with a high spe-
cific electrode area is required to obtain concentration levels below 1ppm
The two dimensional electrodes mostly take on form of vertical metal plates, metal gauzes or ex-
panded metal sheets, placed into a rotating electrode cell or tank units where turbulence via flow or
agitation using inert beads may be induced. Three dimensional electrode structures include porous
materials as well as packed, fluidised and circulating particulate beds. A combination of appropriate
2-D and 3-D structures is required to treat the eﬄuent.
2.3.3.1 Design and Operation Reactors with two-dimensional electrodes are used for processing
solutions with high reactant concentration, > 10 g dm-3. The most commonly used electrodes are
flat plates and rotating cylinders. Both have the advantage of a uniform current density distribution
between the anode and the cathode, as shown in Figure 2.42, which leads to uniform deposition
(Koene & Janssen 2001).
- + 
Electrolyte 
(a) Planar electrode configuration
+ 
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(b) Radial electrode configuration
Figure 2.42: Field distributions between a pair of parallel plate electrodes and radial field distribution
between two cylinders one inside the other; concentric cylinder geometries exhibit uniform potential
and current density distributions, as shown with arrows Walsh (1993)
Typically, parallel plate electrodes are used in flow-by reactors in which electrolyte is pumped be-
tween the plates such that the solution flow is perpendicular to the current. The specific surface area
of plates is low but mass transport rates may be enhanced by using a variety of turbulence promoters,
electrolyte distributors or adjusting solution pumping rates. Specific surface area is the ratio between
the surface area of the electrode and the volume contained within the reactor compartment in which
it is situated:
a = Aelectrode
Vreactor
(2.203)
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Parallel plate reactors are beneficial due to the simplicity of their construction with regard to fea-
tures such as cell frames, electrode connections and membrane sealing. There is a wide availability
of electrode materials and membrane separators in a form that is readily adaptable to such reactors.
Moreover, the scale-up of a parallel plate reactor is straightforward to achieve by increasing the elec-
trode size or by forming electrode arrays, without affecting reactor performance. This is advantageous
when the reactor is initially designed on a laboratory scale but then has to be transferred to a pilot
plant scale. Usually high metal ion concentrations > 0.01 mol dm-3 (this corresponds to ca. 0.6 g dm-3
of nickel) can be handled by conventional flat plate electrodes (Koene & Janssen 2001). However, due
to their low specific surface area, plate electrodes cannot be used to fully purify nickel eﬄuents since
it is not feasible to increase mass transport rates to the order of magnitude required to deplete reactant
concentration below 1 mg dm-3. Moreover, parallel plate reactors do not easily allow for continuous
harvesting of deposit.
A rotating cylinder electrode system (RCE) consists of a rod inside a concentrically placed hollow
cylinder: the cylinder acts as a counter electrode and remains stationary while the inner rod is the
working electrode and rotates relative to the counter electrode. Electrolyte is pumped in the void
between the rod and the inner wall of the cylinder. The highest mass transport rates are achieved
under turbulent flow conditions and when the surface of the rod is roughened. Surface roughness
acts as a micro-turbulence promoter and is particularly effective when the gap between the two elec-
trodes is small. It is argued in (Walsh 1993) that while the rotating cylinder electrode nominally
involves a two-dimensional electrode surface, the performance of many practical RCE reactors bene-
fit markedly from a three-dimensional surface structure. The deposition of metal onto the rotating rod,
makes it practicable to introduce stationary scrapers for continuous deposit removal. Two examples
of scraper incorporating RCEs used industrially for silver electrowinning, are shown in Figure 2.43.
After being scraped off the cathode drum, metal is either formed into a foil or continuously fluidized
out of the reactor followed by conventional methods of solid / liquid separation. Unfortunately, the
fractional conversion per pass in a single reactor is normally much less than 60% under industrial
conditions(Koene & Janssen 2001). Some of the factors known to inhibit reactor performance are
frequent breakages of drive belts and pulleys, vibration and eccentricity of shafts during rotation and
non-uniform mixing of the electrolyte. Moreover, continuous removal of deposit from the cylinder
can leave particles floating in the solution, which results in some re-dissolution of the metal. Conse-
quently, the reactant concentration reduction per pass is decreased. Furthermore, while the scale-up
of an RCE reactor is straightforward, there is a limit to the size of the reactor at which industrial
operation is feasible. The maximum diameter of an industrially used RCE is 0.7m (Walsh 1993).
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(a) (b)
Figure 2.43: Rotating cylinder electrode cells; Nickel deposits on the rotating cathode surface and is
subsequently removed as (a) foil using and (b) flakes using knife scrapers Walsh (1993)
A parallel flat-plate reactor has been reported to reduce dissolved nickel concentrations to 5×10-3 mol
dm-3 (290 mg dm-3) and RCE system can achieve concentrations of 5×10-4 mol dm-3 (29 mg dm-3),
which is an order of magnitude lower (Koene & Janssen 2001). While an RCE system can achieve
higher mass transport rates and continuous deposit removal with the aid of scrapers, it seems on the
whole to be more energy consuming and complicated to operate. Since neither reactor can achieve
the concentration levels required by environmental legislation, further eﬄuent treatment is necessary
in both cases.
Because scale-up, construction, operation and, importantly, the incorporation of an ion-permeable
membrane are more feasible for a reactor incorporating parallel, rather than radially positioned elec-
trodes, the parallel plate or mesh reactor is considered here to be a better design for treatment of the
problem of the industrial nickel sulfamate eﬄuent. It should be noted that the use of a membrane in-
crease the operating cost nickel recovery due to the potentrial drop it introduced, as shown in Figure
2.44, based on information in (Davis, Genders & Pletcher 1997). Certain mambranes may be thicker
and less conductive than others and so the choice of membrane will determine the cell voltage penalty.
Several empirical equations have been derived, which relate the hydrodynamic conditions in a reac-
tor with its geometric parameters and solution characteristics. Of interest here are the expressions
for mass transport coefficients for various electrode structures such as flat plates and meshes. Such
relationships may be found in (Pletcher 1984), (Fahidy 1985) and (Piovano & Bohm 1987) and are
discussed below.
For a rectangular reactor compartment utilising a vertically positioned planar electrode of length L, a
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Figure 2.44: Additional potential drop introduced when a cation permeable membrane separates the
cathode from the anode in an electrochemical reactor where d is the thickness of the membrane, j is
the current dnesity being passed through the reactor system and κ is the membrane conductivity
characteristic length parameter, de, is defined as:
de = 2BS(B + S ) (2.204)
Where B and S are the width and depth of the compartment between the two plates, respectively.
The mass transport coefficient is usually a function of dimensionless parameters which characterise
various aspects of flow:
1. Reynolds number (gives a measure of the ratio of inertial forces to viscous forces):
Re = ude
ν
(2.205)
Where u is the linear flow velocity and ν is the kinematic viscosity of the solution.
2. Schmidt number (relates the ratio of momentum diffusivity (viscosity) and mass diffusivity,
and is used to characterize fluid flows in which there are simultaneous momentum and mass
diffusion convection processes; it physically relates the relative thickness of the hydrodynamic
layer and mass-transfer boundary layer):
S c = ν
D
(2.206)
Where D is the diffusion coefficient.
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3. Sherwood number (represents the ratio of convective to diffusive mass transport):
S h = kmde
D
(2.207)
Where km is the mass transport coefficient.
For a single planar electrode, which is not affected by hydrodynamics of the opposite electrode, the
empirical relationship and the resulting expression for mass transport are given in Equations 2.208
and 2.209, respectively (Fahidy 1985).
S h = 0.677Re 12 S c 13 (2.208)
km = 0.677D 23 ν− 16 (uL)
1
2
(2.209)
In this case the characteristic length is the actual length of the electrode, L
The empirical relationship for two parallel plates for the case when Re < 2000, B > S and Lde < 35 is
derived as follows:
S h = 1.85Re0.33S c0.33 (de
L
)0.33 (2.210)
and when Re > 2000 and L/de > 10:
S h = 0.023Re0.8S c0.33 (2.211)
The latter expression applies mostly to turbulent flow and is not relevant to this investigation. Hence,
only the first expression is useful here and can be rearranged as follows to give the expression for the
mass transport coefficient.
1
1.85
S h = (ReS c(de
L
))0.33 (2.212)
1
1.85
kmde
D
= (ude
ν
ν
D
de
L
)0.33 (2.213)
1
1.85
kmde
D
= (ud2e
DL
)0.33 (2.214)
Hence, the expression for the mass transport is as follows:
km = 1.85D0.67d−0.34e (uL)0.33 (2.215)
or
km = 1.85D 23 ( uLde)
1
3
(2.216)
Empirical correlations for the mass transport coefficient may also be found for mesh electrodes, al-
though are less verified (Piovano & Bohm 1987). The structure of an expanded metal mesh is shown
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Additional dimensions:
F = thickness of material 
before expansion
G = overall thickness of 
raised mesh piece
L
W
Figure 2.45: Important dimensions for an expanded metal electrode
in Figure 2.45. The mesh is characterised by rhomboidal voids. Particularly if the mesh is not flat-
tened, the structure introduces turbulence into the solution flowing over it or even through it.
Experimental results published previously in literature were used by (Piovano & Bohm 1987) to derive
a new relationship between Sh, Re and Sc, as well as another dimensionless parameter, x characterising
the geometry of the electrode in conjunction with a flow of inert beads over it.
x = Rh
A
(2.217)
Where Rh is the hydraulic radius (which is said to be the characteristic dimension of the flow cross-
section and is the ratio between the mean porosity () and specific surface area (φ) of the inert bed
of beads); and A is the mean aperture of the mesh (assumed to be rhomboidal), which is equivalent
to L/2 when the length of the aperture is parallel to the flow and W/2 when the width of the aperture
is parallel to the flow. It will be assumed in the following estimations that Rh is equivalent to unity
to represent a metal sheet in the absence of an inert particulate bed and hence the relationship for a
single expanded metal sheet is:
S h = 0.377Re0.515S c0.33 (Rh
A
)0.38 (2.218)
It is not clear whether the characteristic length parameter is calculated in the same way as for a planar
electrode or whether it is taken to be equivalent to the particle diameter. For comparison with a planer
electrode its will be assumed to have the same value.
A comparison of mass transport coefficients derived for various 2-D electrode geometries is shown
in Figure 2.46. The figure illustrates that mass transport coefficients in solution flowing over a mesh
structure are higher than in solution flowing over a flat plate. Furthermore, the orientation of the
rhomboidal mesh apertures relative to the direction of flow have an impact on the mass transport
coefficients.
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Figure 2.46: Correlations between the mean mass transport coefficient and the linear flow velocity at
planar and expanded mesh electrodes evaluated based on an electrode of length 2×10-1m situated in a
compartment of width 4×10-2m and depth of 1×10-2m
In the absence of a reliable mass transport correlation for a particular hydrodynamic system at hand,
mass transport rates may be evaluated through the reduction of hexacyanoferrate ions, [Fe(CN)6]3-,
to [Fe(CN)6]4- (Grau & Bisang 2005). As hexacyanoferrate(III/II) solutions are often used in alkaline
solutions, at appropriate potentials, [Fe(CN)6]3- may be reduced with near 100% current efficiency.
Furthermore, in the absence of H2 evolution the reduction of [Fe(CN)6]3- exhibits a very distinct mass
transport limited plateau. By measuring the magnitudes of this plateau at various flow rates in an elec-
trochemical reactor, the mass transport coefficients corresponding to those flow rates may be evaluated
using Equation 2.120. The mass transport coefficients in these solutions are, of course, determined by
the diffusion coefficient of the ions being reduced. However, because the diffusion coefficients for the
[Fe(CN)6]3- and NiII ions are available in the literature the mass transport coefficients corresponding
to nickel(II) reduction may be evaluated via:
km,Ni2+ = DNi2+DFe(CN)3−6 km,Fe(CN)3−6 (2.219)
An analogous computation may be performed for protons, based on their diffusion coefficient.
Further treatment beyond the concentration levels of ca. 5×10-3 mol dm-3 and depletion of nickel(II)
concentration to environmentally safe concentrations presents a greater challenge. Although the re-
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search presented in this thesis does not develop thus far it is worth mentioning the suitable treatment
methods for potential future studies. (Oren & Sofer 1983) provide a set of specifications for an elec-
trode, on which deposition from low reactant concentration solutions can be efficient. The working
electrode must have:
1. Chemical and electrochemical inertness for a wide variety of chemicals and a wide range of
potentials
2. A high specific surface area, preferably porous with pores accessible to the electrochemically
active species
3. High fluid permeability of the pore system
4. High electronic conductivity and continuity of the electronic contact throughout the electrode
bed
5. Inexpensive
In reactor types which incorporate 2-D electrodes, solution flows over the surface of the electrodes,
which are made of dense materials. The alternative are permeable electrodes which allow a through-
flow of solution. Three kinds of 3-D electrodes are discussed in this section:
1. Highly porous materials
2. Fluidised particulate beds
3. Circulating particulate beds
A most notable porous structure that has been used for metal recovery from dilute solutions is graphite
felt. Graphite felt essentially consists of natural or synthetic interwoven carbonized fibres and can
have a porosity of over 90% prior to being impregnated with deposit, giving it a specific surface area
several orders of magnitude higher than the common 2-D structures (Vilar, de Freitas, de Lirio &
de Sousa 1998). It has been reported that the surface area of a carbon felt can be as high as 2000 m2
g-1 (Floner & Geneste 2007). Felt combines this property with high permeability, easy deformability
and chemical inertness, which promote it for use in metal removal. An example of a setup with such
material used as an electrode is shown below in Figure 2.47b (Oren & Sofer 1983).
It is reported that, when using graphite felt electrodes, metal ion concentrations can be reduced to
values as low as 5×10-6 mol dm-3 (2.93×10-1 mg dm-3), which makes the eﬄuents suitable for disposal
(Koene & Janssen 2001). The deposit can be recovered by furnace refining or by dissolution into a
small volume of a corrosive electrolyte. However, no means of continuous deposit recovery are
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Figure 2.47: Reactor structures and electrode configurations for metal electrowinning from dilute
solutions
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available. The major disadvantage of carbon felts is that the potential distribution is not homogeneous:
those fibres adjacent to the feeder plate and on the surface closest to the counter electrode are at a
significantly higher potential than fibres inside (Floner & Geneste 2007). Consequently, deposition
takes place on the outer edges of the felt and does not penetrate the material. This does not improve
with time because nickel deposits have a higher conductivity than graphite fibres and hence localised
deposition is enhanced. The authors report that the carbon felt electrode is not suitable for solutions
with nickel concentrations of 1 mol dm-3 or above due to instantaneous localised clogging, which
causes the electrode to obtain 2-D characteristics. It has been reported in (Njau, Woude, Janssen
& Visser 2000), additionally, nickel can deposit in various undesirable forms, such as dendrites,
predominantly on the part of the felt closest to the membrane and the counter electrode (Njau et al.
2000). These dendrites ultimately grow and damage the membrane separator, or cause short-circuiting
of the electrodes. Furthermore, gas bubbles may accumulate within the pores leading to a significant
decrease in pore electrolyte conductivity (bound to happen at low nickel concentrations) - this would
not be true for expanded metal both in the absence and presence of inert beads (Njau & Janssen
1995). It was concluded that the concentration of nickel ions in solution is the determining factor
for the homogeneous electrodeposition on porous structures, because homogeneous coatings were
achieved with nickel concentrations below 0.1 mol dm-3. Current densities were applied in pulses
rather than continuously, which allowed time for diffusion of species to the fibres with poorer potential
distribution. Moreover, it was suggested that the strong hydrogen evolution which prevails at such
concentrations agitates the solution between the fibres and improves diffusion rates. However, these
results were only obtained in laboratory scale reactors and authors state that no good results can be
achieved using felt thickness above 3 mm due to high potential drops. The potential drop, which is
affected by electrode width / thickness, places a great constraint on reactor scale up and consequently
porous materials are not suitable for eﬄuent purification on an industrial scale. An issue which is
true for nickel deposition from low concentrations regardless of reactor design is the low deposition
efficiency due to strong hydrogen evolution. Moreover, because of high proton reduction rates the
pH local to the electrode rises. Significant increases in pH frequently cause nickel to passivate and
precipitate as either nickel hydroxide or nickel oxyhydroxide, as reported by (Njau et al. 2000). This
effect is found to be more pronounced in porous rather than 2-D structures.
To conclude, high rates of nickel removal can be achieved using a porous electrode; however, due
to clogging and dendrite formation and there being no feasible means of in-situ deposit removal,
felts need to be constantly replaced. This is inconvenient because reactor operation will need to
be terminated frequently in order to change the electrodes. Moreover, large potential drops imply
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economic unfeasibility of porous structures. In the next section particulate electrode structures are
considered.
There are two main types of particulate electrodes: the packed bed electrode and the circulating partic-
ulate bed electrode. Both beds work on the same principle of electrolyte flowing through a dense bed
of lose electrically conducting particles in ionic contact with each other. Metals deposit on the parti-
cles. The particles can have a broad range of geometry, for instance granules, rods, spheroids, micro-
spheres, and fibres. In most cases the packed bed voidage is about 40-50% (Koene & Janssen 2001).
Naturally, a bed of small particles provides a much higher specific surface area than any 2-D electrode
and since the porosity is lower than that of the carbon felt the conductivity through the bed electrode
is higher. The particles are in constant agitation and mechanical interaction occurs in turbulent elec-
trolyte flow. This is said to make the deposit morphology more adherent and coherent than on other
electrodes. Both particulate beds have advantages and disadvantages which are discussed below.
A schematic of a typical particulate bed structure, used in (Hutin & Coeuret 1977), is shown in Figure
2.47c. Particles rest on a screen which acts as a feeder electrode. Electrolyte is pumped upwards
through the screen and through the bed of particles. At sufficiently high flow rates, the electrolyte lifts
the particles some distance above the screen, causing the bed to expand. Agitation helps maintain
a potential contact between the particles. Concentration of nickel of the order of 5×10-7 mol dm-3
(2.94×10-2 mg dm-3) can be achieved using fluidised packed bed electrodes, demonstrating that the
eﬄuent can be purified below the required levels (Hutin & Coeuret 1977). However, as with the
graphite felt, a major problem with the particulate electrode is the non-uniform potential distribution.
In Figure 2.47c the reactor is termed ’flow-through’ because the solution flows through the electrodes.
In this case solution flows is parallel with the current, as shown in Figure 2.47e (left) (Oren & Sofer
1983). Particulate bed or mesh reactors can also be designed in a ’flow-by’ configuration such that
solution flows perpendicular to the current, Figure 2.47e (right) (Oren & Sofer 1983). Oren and Soffer
stress that it is more favourable to use a flow-by reactor because solution experiences a constant, rather
than varying, potential drop as it flows between the electrodes.
(Hutin & Coeuret 1977) measured the potential distribution along the bed as a function of distance
away from the feeder plate in a flow-through reactor. They showed that if a cathodic potential is
applied at the feeder electrode, only for very shallow beds does it remain cathodic throughout. This
is the same result as when a carbon felt was used. They also found that as bed depths increase, local
potentials become increasingly more positive, causing dissolution of matter rather than deposition.
They even went so far as to say that anodic zones can occupy up to 80% of the bed depth if bed
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depth and porosity are sufficiently high. Such existence of anodic zones makes the bed bipolar. The
formation of anodic zones is intensified by the presence of dissolved oxygen in solution (Germain &
Goodridge 1976). Dissolved oxygen is much more difficult to remove from an industrial size reactor
that a small laboratory cell and so its presence has to be assumed.
When the particulate bed expands under the flow of solution, its conductivity decreases as contact
between particles becomes less frequent. This places a constraint on the flow rate of electrolyte and
only a very dense fluidized bed is said to remain sufficiently conductive (Hutin & Coeuret 1977). A
problem of particle agglomeration can be caused by non-uniform flow distribution in the bed. In the
parts of the bed where the flow is slower than average, deposits connect particles together so that they
form clusters. This reduces the surface area available for deposition and eventually the electrode may
develop 2-D rather than 3-D characteristics.
(Germain & Goodridge 1976), as well as many other researchers, agree that for both flow-through
and flow-by reactors the most active regions of the fluidized bed are near the feeder and / or on the
membrane. It has been noted that at constant current densities the electrode becomes increasingly
more active near the feeder. The potential distribution is worst in the middle of the bed. Importantly,
their paper points out that the current density must be sufficiently high in order to ensure that all parts
of the bed are cathodically protected. This is especially important when reactant concentration is low.
In a circulating bed electrode, shown schematically in Figure 2.47d, the cathode compartment is sub-
divided into two sections. The larger of the two is funnel-shaped and contains the bed of particles. At
the bottom of this funnel is a small cavity through which particles can exit provided the electrolyte
volumetric flow rate is sufficiently fast. Electrolyte is pumped directly upwards into the second,
narrower, compartment. The idea is for the electrolyte to lift and carry the particles upwards in a
dilute phase such that circulation is achieved. It has been shown that electrolyte flow rate must be
above a critical value in order to disturb the particles at the bottom of the cone and carry them up
(Dweik, Liu & Savinell 1996). When the particles reach the top of the column gravity causes them to
drop down into the packed bed where they move downwards. A portion of the electrolyte also enters
the particle bed, fluidizing it. This is where the deposition takes place. In summary, the two regions
were described in (Scott 1988) as follows:
1. Hydraulic conveying region where particles are transported by the flow of electrolyte as a rel-
atively dilute phase. No deposition takes place in this region as electrical continutity is not
maintained between the particles.
2. A gradually falling packed region where solid and liquid flow are countercurrent. Here metal
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ions adsorb on the surface of the cathode particles under an appropriate applied potential or
current density.
The volume fraction of particles in the rising layer is 10-30%, with the remainder forming the bed
(Dweik et al. 1996). The liquid velocity in the rising layer was calculated to be at least one order of
magnitude greater than the liquid in the descending layer. This is excellent because particles should
spend a minimum amount of time in the rising layer, as in the absence of cathodic potential in that
compartment, deposit may dissolve. To aid vertical particle motion, it has been suggested that the
cell should be tilted at an angle to the vertical during operation (Dweik et al. 1996). The relative
flow of solid and liquid in both reservoirs are mainly controlled by the overall pressure drop and
the aperture size at the base of the bed, according to (Scott 1988). The fraction of flow through the
bed region in relation to the overall flow determines the conversion per pass through an electrode.
Control of the bed is complicated as the flow rates for correct operation of the bed change as particles
grow (Dawson 2006). Reactors with such working electrode structure can achieve current efficiencies
of over 90% for copper (Scott 1988) (Germain & Goodridge 1976) and concentrations depleted to
10-4 mol dm-3 (5.87 mg dm-3) of nickel(II) (Koene & Janssen 2001). The advantage of the particle
circulation is that it is possible to recover the nickel product continually by hydraulic transport of
the particles after they have grown to a target size (Coeuret 1980) and agglomeration of deposit is
reduced relative to the fluidised packed bed. Such reactor design also reduces the probability of
bipolarity occurrence in the electrode (Dawson 2006).
In summary, it is evident that for electrochemical depletion of nickel(II) in waste eﬄuents from high
concentrations of the order of 0.01-2 mol dm-3 down to the environmentally acceptable level of a few
ppm two different reactors are required. In principle the two reactors, one containing a 2-D electrode
for treatment of high concentrations and the other containing a circulating particulate bed could be
positioned in series to treat the eﬄuent within a single pass through the reactor circuit. However,
nickel depletion per pass through the first reactor is very unlikely to be high enough to reduce the
metal concentration sufficiently for effective treatment in the second reactor. Hence, time-dependent
batch depletion in the first reactor much be carried out first. Of the 2-D electrode structures the
parallel plate / mesh reactor structure is prefered for nickel recovery due to simplicity of construction,
ease of membrane incorporation, metal harvesting and lower cost of operation. A mesh may be
preferred instead of a plate if the deposits readily crack and exhibit poor adherence to the substrate.
Furthermore, a mesh induces higher mass transport rates than a plate. Although a parallel plate / mesh
reactor does not allow for continuous harvesting it can be constructed such that plates can be easily
pulled out vertically and replaced. Based on published data, a parallel plate / mesh reactor would
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be capable of reducing the nickel concentration to a level suitable for treatment with a 3-D cathode.
Arrays of plate or mesh electrodes may be constructed if one electrode pair depletes nickel(II) in the
eﬄuent at insufficient rates.
2.3.3.2 Ebonex® anode material It was a requirement by sponsors Atranova Ltd. that the re-
actor designed for nickel recovery from nickel sulfamate eﬄuents should incorporate anodes made
of Ebonex®. Ebonex® is comprised of electrically conducting Magneli phase titanium suboxides
(TinO2n-1), where n is ≈ 4-10 (Hayfield 2002). The most suitable sub oxide is Ti4O7 because of its
lower resistivity compared to the higher sub oxides, table 2.9. It is also the least brittle. Ebonex®,
Titanium sub oxide Resistivity Ω m
Ti4O7 0.355
Ti5O9 0.871
Ti6O11 1.655
Ti7O1366%, Ti8O15 3.746
Ti9O17 4.791
Ti11O21 4.443
Ni 69.3×10-9
Pt 105×10-9
Table 2.9: Resistivities of various titatium suboxides Ebonex®
which has a lustrous dark grey or black appearance, is made by reducing the abundantly available
TiO2 at a high temperature of ca. 1230oC in a hydrogen atmosphere via reaction 2.220
4TiO2 + H2 ⇀ Ti4O7 + H2O (2.220)
The quality of the Ebonex® depends on the quality of the starting TiO2 material. For homogeneous
reduction, TiO2 must be in powder form. The resultant Ti4O7 is therefore porous, which results in a
very high resistivity. The resistivity can be decreased by ca. two orders of magnitude by subjecting
the Ebonex to hot pressing, which reduces the porosity, resulting in monolithic Ti4O7.
The main advantage of Ebonex® is its high resistance to corrosion, which has made it suitable for
applications in bi-polar lead acid batteries, water sterilization, cathodic protection etc. It is safe
to use in non-aggressive acidic electrolytes, such as the given nickel sulfamate eﬄuent of pH 2.5.
It is alleged in (Hayfield 2002) that Ebonex® is a suitable anodic material due to its low oxygen
overpotential which is advantageous for efficient sulfamate oxidation.
Unfortunately, Ebonex® also has some disadvantages. Firstly, due to its very high resistivity, Ti4O7
may significantly raise the cell voltage during nickel(II) recovery and consequently multiply the pro-
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cess cost. Secondly, Ebonex® is known to be very brittle, which makes it difficult to create planar
anodes. Currently, Atranova Ltd. are investigating the feasibility of making Ebonex® plates mounted
on more conductive substrates. Presently, however, the optimal Ebonex® electrode structure is a
hollow Ti4O7 tube with a titanium coil passing through its centre, as shown in Figure 2.48 (private
communication with Alex Simpson, Atranova Ltd, Harston, Cambridge). In this configuration the ap-
plied potential is distributed along the electrode most evenly. The rod structure removes the necessity
of placing the Ebonex® onto a more conductive substrate.
(a) Rod appearance
(b) Internal rod structure
Electrical
contact
Ti wire Plastic 
shaft
Hollow 
Ebonex®
rod
Plastic 
cap
(c) Rod structure
Figure 2.48: Structure of Ebonex® rod electrodes used as anodes in the electrochemical reactor for
nickel recovery
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3 A Priori Model of Nickel Electrodeposition
A preliminary model is formulated in order to describe the combined micro-kinetics of the nickel(II)
and proton reduction processes. To describe the operation of a reactor designed for nickel recovery
on a macroscopic scale a set of charge and mass balances on relevant species is presented. Finally, a
proposal is made for the method of coupling the two models such that the effect of micro-kinetics on
macro-kinetics in the reactor may be predicted.
The relationship between the rates of nickel(II) and proton reduction is of crucial importance and is
the main focus of the micro-kinetic model. Any change in nickel plating efficiency during recovery
from nickel sulfamate eﬄuents will, based on the speciation of the eﬄuent in the acidic pH range,
be predominantly determined by the extent of competition from the HER. The formulation of the
a priori micro-kinetic model was, to some extent, influenced by the models proposed in literature
whereby unrealistic schemes were rejected and some useful ideas were adapted, subject to interpre-
tation; the model proposed here is constructed in order to be in keeping with the main experimental
observations reported in literature. Furthermore, the principle of incorporation of terms representing
mass transport limitation into the kinetic rate expressions is examined. Mass transport incorporation
is seen as imperative because it is well known that for certain reactions the kinetic rate constants can
exceed mass transport rate constants, meaning that the reaction rate may in fact always be diffusion
controlled.
The presence of an ion-permeable membrane in the reactor during nickel recovery from sulfamate
eﬄuents was inherently assumed in the construction of charge and mass balances on all involved
electroactive and charged migratory species.
3.1 Microkinetic Reaction Model
The nickel(II) and proton reduction processes will be treated as two multi-step reactions involving
adsorbed intermediates. This is in agreement with the treatment usually adopted in the literature and
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also in keeping with the aforementioned assumption that the probability of a simultaneous multiple
electron transfer between an electrode and an ion is very low. No assumptions will be made regard-
ing the rate determining step in either process because this may incorrectly represent the kinetics in
sulfamate solutions, for which few kinetic results are published, and also because the simplification
of kinetic rate expressions is not necessary for computational models.
3.1.1 Conclusions from the Literature
There is excellent agreement between investigation reports of various researchers on the HER mecha-
nism on Ni to the conclusion that the Volmer-Heyrovsky mechanism is operative under all conditions
and that the Volmer-Tafel mechanism is either sufficiently insignificant to be ignored or not opera-
tive at all. Consequently, the kinetic rate expressions representing the HER will be restricted to the
Volmer-Heyrovsky reaction scheme here. It is also unquestionable that the HER kinetics are affected
by the presence of boric acid albeit the extent of the effect differs in the presence of different anions.
An inhibiting effect on HER kinetics is mostly observed in the potential region of proton reduction.
This has been attributed to the specific adsorption of boric acid to the effect that the surface area
available for the adsorption of hydrogen is decreased. Industrially boric acid is known as a buffer; the
onset of the buffering action was determined from interfacial pH studies to be controlled by the extent
of the rise in surface pH with increasing H2 evolution current density. Despite the large volume of
publications which demonstrate the onset of H2O reduction at potentials negative of the mass trans-
port limited proton reduction plateau, it is difficult to make any definitive conclusions regarding the
electrode potential or surface pH required for this to begin. The potential range of the H+ reduction
plateaus also vary between published results. Consequently, no a priori model can be formulated for
H2O reduction kinetics at present.
Boric acid and halide ions have been reported to modify the overpotential of nickel reduction but
there is no consistent agreement on whether the shift is anodic or cathodic. Negative shifts have been
explained by a decrease in reaction rate due to specific adsorption of B(OH)3 or Cl-. In the presence
of boric acid positive shifts have been explained by catalysis via nickel-borate complex formation
while in the presence of halide ions positive shifts have been explained by the theory that salt bridges
alter the adsorption energies of nickel(II) ions and thereby accelerate electron transfer. Furthermore,
nickel(II) reduction Tafel slopes have been found to decrease with increasing concentration of halide
ions. With this evidence at hand, a decision to model and study the coupling between H2 evolution and
nickel(II) reduction reactions in the presence of both boric acid and chloride ions appears imprudent.
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In the presence of H+, NiII, Cl- and B(OH)3, the electrode process will involve interactions between
all four species and the effects of each species on the overall kinetics will be too difficult to decouple
accurately. As studies of electrode kinetics are performed in synthetic ultrapure solutions and not in
eﬄuents, the solution composition is user-defined and it is proposed that for initial studies as many
interfering species are excluded from solution as possible. Based on electrochemical impedance stud-
ies reported in the literature, boric acid is a clear necessity during nickel electrodeposition because it
prevents passivation and consequent deposit degradation. Deposit passivation in the absence of boric
acid has been reported during plating from bulk solution pH as low as 3.5. These findings suggest
that if boric acid is not added to the solution, the model for nickel electrodeposition must include a
surface precipitation equation, which is clearly an added complication. Consequently, measurement
and modelling of the nickel(II) reduction process in the absence of boric acid is not a realistic option.
Chloride ions, however, may be excluded in the initial studies, although, for completeness, their effect
must also ultimately be studied and included after the kinetics in their absence are well understood.
In the absence of chloride ions, nickel(II) reduction kinetics are generally observed to increase with
increasing pH. The principal theory on nickel(II) reduction proposes that kinetics increase with pH
due to hydrolysis of Ni2+ ions to NiOH+ which are, in fact, said to be the primary reactant whose
concentration increases with increasing pH. In most publications supporting this hypothesis of nickel
speciation is calculated without account for Ni(OH)2 formation. Once Ni(OH)2 is taken into account
it may be calculated, for example, that at pH 2 in the presence 1M NiII the concentration of NiOH+ in
aqueous solution at 25oC is 2.17×10-8 M, based on the equilibrium constants of (Wagman et al. 1982).
Taking the diffusion coefficients of nickel(II) ions and protons to be 6.61×10-10 and 9.31×10-9 m2
s-1 (Vazquez-Arenas & Pritzker 2010a), respectively, the ratio between the overall mass transport
limited current densities for nickel(II) and proton reduction will be ca. ca. 1.54×10-7. In other
words, the partial nickel(II) reduction current density is 7 orders of magnitude lower than that of
protons. Consequently, the deposition efficiency will not exceed ca. 1.54×10-5%. However, from
the results in Figure 2.7 presented in Section 2.2.2.1, for example, nickel can clearly be deposited
at pH 2 with current efficiencies approaching unity even from solutions containing nickel(II) at mM
concentrations. The most widely supported theory of nickel(II) reduction mechanism which was
summarised in Equations 2.164 - 2.166 is therefore contested here. It will be asserted in the a priori
model that the only way in which the nickel(II) and proton reduction reactions are coupled is via
competition for adsorption sites on the electrode surface area. It is conceivable that for a fixed nickel
concentration an increase in proton concentration with decreasing pH will create a greater competition
for surface sites and can account for a decrease in nickel reduction efficiency. Beyond the competiton
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for surface sites the solution pH is assumed not to have an effect on the kinetics of nickel(II) reduction.
In modelling electrode kinetics, some authors make the assumption that transfer coefficients, α, by
default have the value of 0.5. However, the authors who do not make this assumption find the transfer
coefficients to have values between 0.3 and 0.65. Some investigations also report a concentration
dependence of α. Consequently, α will be treated as an unknown coefficient in all individual electron
transfer rate expressions in the nickel(II) and proton reduction processes.
3.1.2 Model Equations
In Section 2.3.2 the two ways in which kinetic rate expressions may be formulated were discussed.
Based on the scenario where a solute reactant, A, is reduced to a bound adsorbate, B, the kinetic rate
expressions based on the first (Equation 2.111) and second (Equation 2.114) formulation methods are
shown in Equations 3.1 and 3.2, respectively.
j
F
= −kc[A]s(1 − θB)e−αFηRT + kaθBe (1−α)FηRT (3.1)
j
F
= −kcΓB,maxaA(1 − θB)e− αFηRT + kaΓB,maxaBθBe (1−α)FηRT (3.2)
In the first instance, the cathodic reaction term includes the concentration of solute species A in units
of mol m-3 and the kinetic rate constant has units of m s-1. The anodic reaction term does not include
concentration in units of mol m-3 because the reactant now exists only as a two-dimensional layer
which occupies a fraction θ of the electrode surface. In the second formulation, both the cathodic and
anodic terms include activity coefficients (instead of explicit concentrations), kinetic rate constants in
units of frequency s-1 and surface coverage density in units of mol m-2.
The advantages of the first formulation are that the usually known concentration value of solute
species A can be included explicitly and also that the cathodic kinetic rate constants have units of
velocity (m s-1) which makes them dimensionally compatible with the mass transport rate coefficients
of the same units. The disadvantages of this formulation, however, are that units for the cathodic and
anodic rates do not match. The advantage of the second formulation is that the units of both cathodic
and anodic rate terms are consistent. aB is unity if the product is a bound adsorbate or a solid. The
disadvantages are that the use of activity coefficients instead of explicit concentration values make this
formulation more awkard to use and also the kinetic rate constants are not dimensionally compatible
with the mass transport rate coefficients which limit the reaction rate.
123
A hybrid formulation is proposed in Equation 3.3.
j
F
= −kc,ads[A]s(1 − θB)e− αFηRT + ka,desΓmaxθBe (1−α)FηRT (3.3)
Every kinetic rate term is formulated according to the nature of the reactant. For solute reactants
the first method of kinetic rate formulation is used. Kinetic rate constants have units of m s-1 which
represent thermal velocity in solution. However, when the reactant is a bound adsorbate such units
no longer apply and the kinetic rate constant assumes the units of s-1 now representing the frequency
of vibration of the bond between the adsorbate and the substrate. The concentration of the bound
reactant is expressed using a two-dimensional surface concentration. In this kinetic rate formulation
the dimensional integrity of every reaction rate term may be preserved. It should be noted that mass
transport limitation only applies to solute reactants and not to reactants already adsorbed on the elec-
trode surface. Consequently, only the compatibility of units between the rate constants for solute
reactants and mass transport coefficients is of importance.
3.1.2.1 Assumptions Certain standard assumptions are made in the construction of kinetic rate
expressions representing surface processes.
1. Migration fluxes in the interfacial region are neglected as the presence of sufficient supporting
electrolyte was assumed
2. The reaction mechanism does not change within the acidic pH range
3. Temperature is an invariant quantity and is fixed
4. Electrolyte behaves as an ideal solution and ionic activities are not reduced below unity
5. All reactions are reversible
6. The Langmuir isotherm is applicable to all reactions
7. Transfer coefficients do not change with potential
8. Mass transport rate is uniform across the electrode surface
9. No homogeneous reactions take place in the electrode - solution boundary layer
3.1.2.2 Proton Reduction in the Absence of Nickel(II) To begin with, in the presence of hydro-
gen adsorption and in the absence of competitive adsorption of anions or boric acid only one surface
coverage has to be taken into account: θH. Based on the formulation method for kinetic rate equations
proposed in Section 3.1.2 the mass balance on surface coverage and the charge balance for the HER
proceeding according to the Volmer-Heyrovsky mechanism are presented in Equations 3.4 - 3.11.
νc1 = kc1[H+](1 − θH)e− α1FηHRT (3.4)
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νa1 = ka1ΓH,maxθHe (1−α1)FηHRT (3.5)
νc2 = kc2[H+]θHe− α2FηHRT (3.6)
νa2 = ka2 pH2(1 − θH)e (1−α2)FηHRT (3.7)
ηH represents the equilibrium potential for the H+/H2O couple; the potential differences (Er,H+/H2O -
Er,H+/Hads) and (Er,H+/H2O - Er,Hads/H2) are contained within the kinetic rate constants. In the mass balance
expression in Equation 3.8, the cathodic adsorption of hydrogen in the first electron transfer step and
re-adsorption through the electrochemical dissociation of H2 (Equations 3.4 and 3.7) contribute to the
formation of θH, while the electrochemical desorption via Equations 3.5 and 3.6 are responsible for
the depletion of Hads.
ΓH,max
dθH
dt
= νc1 − νa1 − νc2 + νa2 (3.8)
ΓH,max
dθH
dt
= kc1[H+](1 − θH)e− α1FηHRT − ka1ΓH,maxθHe (1−α1)FηHRT
−kc2[H+]θHe− α2FηHRT + ka2 pH2(1 − θH)e (1−α2)FηHRT (3.9)
j(H2,total) = F[−νc1 + νa1 − νc2 + νa2] (3.10)
j(H2,total)
F
= −kc1[H+](1 − θH)e− α1FηHRT + ka1ΓH,maxθHe (1−α1)FηHRT
−kc2[H+]θHe− α2FηHRT + ka2 pH2(1 − θH)e (1−α2)FηHRT (3.11)
3.1.2.3 Simultaneous Reduction of Nickel(II) and Protons During simultaneous reduction of
nickel(II) and protons the adsorbed intermediates NiIads and Hads both occupy a fraction of the elec-
trode surface area. The free electrode area may now be expressed as (1-θH-θNi). Consequently, when
nickel(II) ions are added to solution the term (1-θH) in the rate expressions in Equations 3.4 - 3.7
must be replaced with (1-θH-θNi). The formulation of kinetic rate equations for nickel(II) reduction is
presented in Equations 3.12 - 3.19.
νc3 = kc3[NiII](1 − θH − θNi)e− α3FηNiRT (3.12)
νa3 = ka3ΓNi,maxθNie (1−α3)FηNiRT (3.13)
νc4 = kc4ΓNi,maxθNie− α4FηNiRT (3.14)
νa4 = ka4ΓNi,max(1 − θH − θNi)e (1−α4)FηNiRT (3.15)
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ηNi represents the equilibrium potential for the Ni2+/Ni0; the potential differences (Er,Ni2+/Ni0 -
Er,Ni2+/Ni+ads) and (Er,Ni2+/Ni0 - Er,Ni+ads /Ni
0) are contained within the kinetic rate constants.
ΓNi,max
dθNi
dt
= νc3 − νa3 − νc4 + νa4 (3.16)
ΓNi,max
dθNi
dt
= kc3[NiII](1 − θH − θNi)e− α3FηNiRT − ka3ΓNi,maxθNie (1−α3)FηNiRT
−kc4ΓNi,maxθNie− α4FηNiRT + ka4ΓNi,max(1 − θH − θNi)e (1−α4)FηNiRT (3.17)
j(Ni,total) = F[−νc3 + νa3 − νc4 + νa4] (3.18)
j(Ni,total)
F
= −kc3[NiII](1 − θH − θNi)e− α3FηNiRT + ka3ΓNi,maxθNie (1−α3)FηNiRT
−kc4ΓNi,maxθNie− α4FηNiRT + ka4ΓNi,max(1 − θH − θNi)e (1−α4)FηNiRT (3.19)
The overall measured current density during the reduction of NiII and H+ may be represented with
Equation 3.21 which contains 12 unknown constants, all of which may change with nickel(II) and
proton concentrations.
j(Ni+H2,total)
F
= −νc1 + νa1 − νc2 + νa2 − νc3 + νa3 − νc4 + νa4 (3.20)
j(Ni+H2,total)
F
= −kc1[H+](1 − θH − θNi)e− α1FηHRT + ka1ΓH,maxθHe (1−α1)FηHRT
−kc2[H+]θHe− α2FηHRT + ka2 pH2(1 − θH − θNi)e (1−α2)FηHRT−kc3[NiII](1 − θH − θNi)e− α3FηNiRT + ka3ΓNi,maxθNie (1−α3)FηNiRT−kc4ΓNi,maxθNie− α4FηNiRT + ka4ΓNi,max(1 − θH − θNi)e (1−α4)FηNiRT (3.21)
3.1.2.4 Inclusion of Effects Due to Boric Acid Most results reported in the literature point to
specific adsorption of boric acid, which decreases the measured H+ reduction current densities on
a variety of substrates. Unlike its effect on HER kinetics, boric acid is reported to increase the
kinetics of nickel reduction and also increase the current efficiency of nickel deposition. The ap-
proach of (Vazquez-Arenas & Pritzker 2010a) towards modelling the nickel(II) reduction process in
the presence of boric acid was to assume that the adsorption of boric acid decreases the electrode area
available for hydrogen adsorption but had no effect on the adsorption of nickel. In this case, the free
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electrode area used in the HER equations will become (1-θH-θNi-θB) while the expression for the free
electrode area available for nickel adsorption will remain unchanged. Interestingly, these authors pro-
posed that neither adsorbed hydrogen nor adsorbed nickel will prevent the adsorption of boric acid,
which can therefore adsorb over the entire electrode area leading to the following charge and mass
balances in Equations 3.22 - 3.24.
νB,adsorption = kB,ads[B(OH)3](1 − θB) (3.22)
νB,desorption = kB,desΓB,maxθB (3.23)
At equilibrium:
θB = kB,ads[B(OH)3]bulkkB,ads[B(OH)3]bulk + kB,des (3.24)
The inclusion of the effect of boric acid in the overall rate expression for nickel(II) and proton
reduction, however, will be omitted in the a priori model until the effects described by (Vazquez-
Arenas & Pritzker 2010a) are confirmed with experimental evidence here. In the event that boric acid
is found to exert different effects on the kinetics, the interactions between θH, θNi and θB may be mod-
ified in order to obtain the correct representation. It is difficult to build any concrete expectations for
the effect of boric acid on the kinetics in sulfamate solutions, since the effect of the main electrolyte
anion is unknown.
3.1.2.5 Principle of Mass Transport Inclusion The method for the formulation of a full kinetic
rate expression which includes mass transport limitations (Equation 2.117) was discussed in Section
2.3.2, but the assumption there was that the kinetic rate constants for both the cathodic and anodic
reactions were the same and could be grouped with several other terms into a unifying exchange
current density, j0. However, in the present treatment, all rate terms are decoupled and not all will be
affected by mass transport. Equation 2.117 may be simplified to Equation 3.26 in the limit of mass
transport control:
j = ± j0e(±)β(±)η
1 + j0e(±)β(±)ηjc,Lim (3.25)
In the case of a cathodic reduction, this expression can be generalised into the form
jc = − Aeax1 + AeaxB (3.26)
which may be assumed to be a mathematical expression which holds true when an exponential func-
tion tending to infinity is limited by a physical limit B. That this expression tends to -B as x tends to
infinity may be proved to be true using L’Hoˆpital’s theorem:
lim
x→±∞ f (x)g(x) = limx→±∞ f ′(x)g′(x) (3.27)
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This theorem states that for the quotient of two functions satisfying certain conditions on a given
closed interval, each having the limits of zero or infinity, the limit of the quotient at the given point is
equal to the limit of the quotient of the derivatives of each function. Hence,
lim
x→±∞ f (x)g(x) = − Aeax1 + AeaxB = − BAe
ax
B + Aeax (3.28)
lim
x→±∞ f
′(x)
g′(x) = −BAaeaxAaeax = −B (3.29)
which is correct when the cathodic current density is limited by the diffusion limited current density
of magnitude B
Consequently, the expression in Equation 3.26 may be applied to any rate term in the overall rate
expression to define the steps that many become diffusion limited as the overpotential is increased.
In the case of the Volmer-Heyrovsky mechanism, both electron transfer steps involve protons whose
surface concentration may become diffusion limited; in the nickel(II) reduction expression only the
first electron transfer step will be mass transport limited. Hence, the overall rate expression becomes:
j(Ni+H2,total)
F
= − kc1e− α1FηHRT(1 + kc1 e− α1FηHRTkm,H+ )[H
+](1 − θH − θNi) + ka1ΓH,maxθHe (1−α1)FηHRT
− kc2e− α2FηHRT(1 + kc2 e− α2FηHRTkm,H+ )[H
+]θH + ka2 pH2[H+](1 − θH − θNi)e (1−α2)FηHRT
− kc3e− α3FηNiRT(1 + kc3 e− α3FηNiRTkm,Ni )[Ni
II](1 − θH − θNi) + ka3ΓNi,maxθNie (1−α3)FηNiRT
−kc4ΓNi,maxθNie− α4FηNiRT + ka4ΓNi,max(1 − θH − θNi)e (1−α4)FηNiRT (3.30)
The mass transport rate coefficient must be predicted for each reactant based on the hydrodynamics
of a given system. The hydrodynamic systems used in studies of kinetic rates must, therefore, exhibit
very well defined and reproducible flow patterns, such that the mass transport coefficient may be cal-
culated accurately. As the way in which mass transport limitation is imposed and because the current
density predicted by these expressions will not exceed the mass ransport limited values for given bulk
concentrations, it is conceivable that the concentration terms may now refer to bulk concentrations
and not the unknown surface concentrations. Finally, because boric acid is not electrochemically ac-
tive and its concentration is not depleted at the electrode surface, mass transport limitation does not
apply.
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3.2 Macrokinetic Reactor Model
3.2.1 Reactor structure
To achieve a substantial degree of depletion in nickel(II) concentration in an eﬄuent sample, the
sample must be processed in an electrochemical reactor operated in batch recycle mode, as shown in
the schematic in Figure 3.1. The schematic depicts an electrochemical reactor containing a cathode,
an anode and a cation-permeable membrane; the catholyte and the anolyte are re-circulated between
their respective reservoirs and reactor compartments. The primary electrode reactions are shown to
be the reduction of nickel(II) and protons at the cathode and oxidation of water at the anode.
Anolyte reservoir 
VRe
A
Anode, AA
Cathode, AC
Membrane, AM
Anode compartment, VR
A
Cathode compartment, VR
C
Catholyte reservoir 
VRe
C
CCNi2+,i
CCH+,i
CCNi2+
CCH+
CAH+,i
CANa+,i
CAH+
CANa+
jMH+ j
M
Na+
jAH+
jCH+ j
C
Ni2+
Figure 3.1: Schematic of the flow circuit for an electrochemical reactor, operated in batch recycle
mode
While the nickel sulfamate eﬄuent acts as the catholyte, the anolyte composition is optional. The
immediate restrictions imposed on the anolyte composition are that, firstly, it must not contain ca-
thodically electro-active cations which may migrate into the catholyte and exhibit an interfering effect
on the nickel(II) reduction process and, secondly, the anolyte must not contain any oxidisable ions
that may react to form volatile and harmful gases, such as chlorine, which would require careful har-
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vesting and confinement and will thus greately complicate reactor design. The most straightforward
electrolyte choice is Na2SO4. In this electrolyte, the only thermodynamically feasible anodic reaction
is the oxidation of H2O, the products of which are oxygen gas and protons. Protons and sodium ions
both carry a positive charge and hence will migrate into the catholyte. The effect of protons in the
catholyte will be known from kinetic experiments, while sodium ions tend to be very thermodynami-
cally stable and hence their presence is benign. Sodium sulfate is one of the less expensive substances
which can be used to fulfill an auxiliary electrolyte in the reactor during nickel recovery.
3.2.2 Model Structure
3.2.2.1 Assumptions Certain assumptions are made in the construction of mass balance equations
representing reactor processes
1. Both reservoirs are perfectly mixed systems
2. Conversion per pass is low
3. Electrolyte volumes contained at any point in time in the reactor compartment and in the reser-
voir may be additively treated as one unified volume to which mass balance expressions apply
4. The transport of the reactive ions in the reactor occurs under convective-diffusion control
5. The mass transfer coefficient is constant throughout the reactor
6. The catholyte pH is always higher than the anolyte pH
7. Diffusional fluxes between compartments are negligible relative to migrational fluxes
8. Temperature of the catholyte and the anolyte is the same and is an invariant quantity during
reactor operation
9. Current is uniformely distributed over the electrodes
Some of these assumptions may constitute severe limitations, depending on the conditions under
which the reactor is being operated. For instance, good mixing in the reservoirs will only be true if a
stirring mechanism is introduced into the reservoir or if the flow rate is sufficiently high to circulate
the entire electrolyte through the reactor on timescales sufficiently small relative to the timescales over
which the model predictions are assumed to be valid. Diffusional fluxes will remain unimportant but
only as long as they are opposed by a sufficiently strong electric field acting in the opposite direction.
The operation of the reactor incorporating 2-D cathodes will be terminated once concentrations are
depleted to the extent that diffusional fluxes are no longer opposed by the applied current.
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3.2.2.2 Model Equations By the law requiring the conservation of charge:
∣I∣ = ∣IC ∣ = ∣IA∣ = ∣IM ∣ (3.31)
The total cathodic current density is the summation of the current densities generated by the reduction
of nickel(II) ions and protons
jC = jC,NiII + jC,H+ (3.32)
The anodic current density is carried by the water oxidation reaction which liberates protons
jA = jC,H+ (3.33)
The total ionic current through the membrane is carried by protons and sodium ions
jM = jC,H+ + jC,Na+ (3.34)
According to assumption point 3:
VC = VCRe + VCR (3.35)
VA = VARe + VAR (3.36)
Where V is volume, subscripts / superscripts C and A represent the catholyte and anolyte, respectively,
and subscripts Re and R represent the reactor compartments and the reservoirs, respectively.
Beginning with the ralationship beetween the fluxes of protons and sodium ions through the mem-
brane, shown in Equations 3.37 and 3.38, it is evident that this ratio is determined by the ratio of the
diffusion coefficients of the two ions and also by their relative concentrations in the anolyte.
jM,Na+
jM,H+ = zδFzδF [Na+]A[H+]A DNa+DH+ (3.37)
jM,Na+ [˙H+]A = DNa+DH+ jM,H+[Na+]A (3.38)
Consequently, the flux of a particular ion may be increased by increasing the concentration of that ion
in the anolyte, via external additions during reactor operation. As the sole anodic reaction produces
protons, it is evident that within a certain period of time in the absence of any additions the ratio
[Na+]/[H+] in the anolyte will dramatically decrease and the ionic flux will be carried through the
membrane predominantly by protons. This will, conceivably, decrease the pH in the catholyte and
hence gradually but irreversibly lower the nickel deposition current efficiency. To prevent this, is it
proposed that continuous additions of NaOH are made to the anolyte with the simultaneous effect of
decreasing the proton concentration and increasing the sodium concentration in order to maintain a
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constant flux of both ions through the membrane. Reference to such a procedure has been found in
(Lupi et al. 2006) although no specific details were given.
The mass balance equations on protons and sodium ions in the anolyte are given in Equations 3.39
and 3.40, respectively
VA
d[H+]A
dt
= jA,H+AA
F
− jM,H+AM
F
− V˙NaOH[NaOH] (3.39)
VA
d[Na+]A
dt
= − jM,Na+AM
F
+ V˙NaOH[NaOH] (3.40)
where V˙ is the volumetric flow rate of the sodium hydroxide solution. The mass balance equations on
protons and nickel ions in the catholyte are given in Equations 3.41 and 3.42, respectively.
VC
d[H+]C
dt
= − jC,H+AC
F
+ jM,H+AM
F
(3.41)
VC
d[NiII]C
dt
= − jC,NiII AC
2F
(3.42)
Change in electrolyte volumes due to addition of NaOH in the case of the anolyte and due to the
phenomenon of electro-osmotic drag through the membrane which accompanies H+ and Na+ transport
and by which the volume of H2O decreases in the anolyte and increases in the catholyte are given in
Equations 3.43 and 3.44. Electro-osmotic drag coefficients of 2.6 and 7 H2O molecules per H+ and
Na+ ion passing through the membrane, respectively, are based on values published in (Breslau &
Miller 1971).
VA(t) = VA(0) + V˙NaOHt − MH2O
ρH2O
t (2.6 jM,H+AM
F
+ 7 jM,Na+AM
F
)10−6 (3.43)
VC(t) = VC(0) + MH2O
ρH2O
t (2.6 jM,H+AM
F
+ 7 jM,Na+AM
F
)10−6 (3.44)
V(t) and V(0) represent electrolyte volumes at times t and t=0, respectively.
3.2.2.3 Characterisation of Mass Transport In preference to the calculation of mass transport
coefficients at a mesh electrode using empirical correlations discussed in Section 2.3.3.1, the approach
of characterisation by reduction of hexacyanoferrate ions is considered to be more accurate. Based on
mass transport limited hexacyanoferrate reduction currents measured at various linear flow rates, u,
the mass transport coefficients for nickel(II) ions and protons will be evaluated using Equations 3.46
and 3.47, respectively.
k(u)m,Fe(CN)3−6 = j(u)Lim,Fe(CN)3−6FDFe(CN)3−6 (3.45)
km,Ni2+ = DNi2+DFe(CN)3−6 km,Fe(CN)3−6 (3.46)
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km,H+ = DH+DFe(CN)3−6 km,Fe(CN)3−6 (3.47)
It should be noted that the surface area of a mesh may not always be found in the specification sheet
of the manufacturer. In this case the surface area may only be estimated based on various dimensions
of the mesh and the result may not always be accurate, particularly if the mesh is raised. As the
charge and not the current density was measured experimentally, the calculation of the current density
using the estimated value for the area is likely to lead to inaccuracies in the calculated values of km.
Furthermore, if the mass transport coefficient in the reactor is characterised against a mesh of a certain
size, it will remain constant only if the surface area of the electrode does not change during reactor
operation. It is conceivable that as the mesh grows in size and the apertures close up, the mean mass
transport coefficient will become smaller. Consequently, it is the product A×km that may be taken to
be the invariant quantity.
3.3 Coupling of Micro- and Macro-Kinetic Models
It is proposed that the coupling of the micro-kinetic model with the macro-kinetic model can be
achieved by substituting the equations for the jc,NiII and jc,H2 derived in the micro-kinetic model into
the catholyte mass balances in the reactor model. Provided that the concentrations of all species
are specified in the reactor model at t=0 and that the dependence of all kinetic rate constants and
mass transport coefficiencts on [NiII] and [H+] are formulated into general expressions which may
be included in the reactor model, the reactor model may be used to predict experimental results,
including deposition efficiency, at the specified operating conditions, solution flow rates and rates of
NaOH addition to the anolyte.
In the case when the electrode area may not be evaluated accurately and is likely to change during
the course of reactor operation, the kinetic terms having the form of Equation 3.48, to which mass
transport limitations are applied
ji ∝ kie±β±η
1 + kie±β±ηkm (3.48)
may be modified such the diffusion limitation is imposed via Akm, the value which may be more
accurately evaluated than km at a mesh electrode, as shown in Equation 3.49.
Ii
A
∝ kie±β±η
1 + Akie±β±ηAkm,i (3.49)
As discussed in Section 2.1, an electrochemical reactor may be operated either in potentiostatic or
in galvanostatic modes. Provided the concentrations of NiII and H+ ions are known, the model will
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either predict the current density / current as a function of applied potential or the electrode potential
as a function of the applied current density / current. The latter is useful for estimating electrode
potentials and hence the cell voltage in the absence of reference electrodes. In the galvanostatic mode
of operation it is absolutely imperative to ensure that the applied current does not exceed the mass
transport limited value, else an additional loss reaction will occur. Consequently, a check and balance
system must be operative to ensure that the magnitude of the applied current is gradually lowered as
reactant is depleted, such that the condition of jApplied < jLim,Ni is maintained.
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4 Experimental Methods
4.1 Experimental Methods for Microkinetic Studies on Ni
The main purpose of conducting kinetic experiments is to identify the effects of applied potential,
pH and nickel(II) concentration on the kinetics of nickel(II) reduction. Based on the collected results
the kinetic rate coefficients and the transfer coefficients may, in principle, be evaluated for every set
of experimental data using parameter estimation software. It is anticipated that a trend in each of
these coefficients as a function of reactant concentration will become apparent and will enable future
prediction of these coefficients according to a general formula. Logically, however, a deduction of
any trend would require a large body of data covering a wide pH and nickel(II) concentration range.
In addition to facilitating certain useful calculations, a wide perspective of the kinetics should also
afford the identification of any change in kinetic trend and may permit the evaluation of the conditions
under which it tends to occur.
Given the amount of experimental data required, the suitable experimental technique should permit
data acquisition in the least time-consuming way. Techniques such as EIS are consequently excluded.
It is the opinion here that the current density responses under potentiodynamic conditions will be
suitable for providing data for analysis using parameter estimation software. It is also proposed that
the results of parameter estimation are tested by predicting the current efficiency of nickel deposition
under certain conditions and subsequently verifying these figures experimentally using an additional
technique. It is proposed that this technique should involve an electrochemical quartz crystal mi-
crobalance (EQCM).
It should be noted that it is widely known that kinetic results may be greatly affected by the way in
which a surface is prepared prior to experimental measurements (Compton & Hancock 1995). Certain
methods may increase or decrease the catalytic activity of the surface and may also affect the rough-
ness of the surface, changing the real surface area by a substantial factor relative to the geometric
area. Various cleaning methods and pre-treatments are discussed in the literature. A standard proce-
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dure described in (Bockris et al. 2000) is that the electrode should be degreased with acetone, either
meachanically polished, electropolished or etched in acid, held in an ultrasonic bath and washed with
ultrapure water. It is stressed in (Compton & Hancock 1995) that the currents measured on elec-
tropolished surfaces can be several orders of magnitude lower than those measured on mechanically
polished electrodes. This is said to be partly a consequence of a much higher surface roughness pro-
duced by mechanical polishing but also because mechanical polishing activates the electrode surface
by stripping away the top layers and revealing a fresh metal layer. It is generally recommended that
the pre-treatment procedure is accurately declared and that the same procedure is used for acquisition
of all experimental data. Finally, a suitable number of repetitions of each experimental run should be
made in order to ensure reproducibility. If reproducibilty of results is not checked, then it is difficult
to guarantee that the results being modelled are a good representation of the process and that the
estimated parameters are not in fact an unfortunate outcome of ’garbage in, garbage out’.
4.1.1 Linear Sweep and Cyclic Voltammetry
The techniques of linear sweep and cyclic voltammetry entail the measurement of kinetic rates under
potentiodynamic conditions. Potentiodynamic conditions are imposed using a potentiostat whereby
the electrode potential is altered in a prescribed manner as a function of time. Change in electrode
potential with time may be expressed using Equation 4.1
E(t) = E(0) ± rt (4.1)
where r is the scan rate, usually given in the units of mV s-1. In the case of linear sweep voltammetry
the potential is swept only in one direction between two specified limits. In cyclic voltammetry, the
potential is swept both forwards and backwards between two limits any chosen number of times. The
difference in currents recorded between successive cycles may yield important information regarding
the nature of the reaction taking place. For the purpose of modelling, it is important that the measured
currents reflect a steady state process. In other words, the measured current at any applied potential
must be constant as a function of time and not be in a transient state. Under this condition, the surface
coverage will also be in steady state and hence the condition
dθi
dt
= 0 (4.2)
may be applied to solving the mass balance equations on the adsorbed intermediates. It is typically
assumed that a scan rate of 10 mV s-1 is sufficiently slow for the recorded currents to represent steady
state (Bockris et al. 2000).
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It is the opinion here that when the HER kinetics are being measured in the absence of nickel(II)
in solution the linear sweep technique is more appropriate, with the potential being swept cathodi-
cally from the reversible potential. If cyclic voltammetry is used then a certain amount of hysteresis
on the positive-going scan may result in currents near the reversible potential being affected by an
increase in the local H2 partial pressure. Nickel deposition, on the other hand, may be analysed us-
ing cyclic voltammetry. Despite some drawbacks, namely the effect of change in hydrogen pressure,
cyclic voltammetry is the preferred method of study because, firstly, the crystallographic structure
of the deposit may be different to that of the bulk electrode, leading to different kinetic rates in the
deposition of the first monolayer compared to those of the subsequent monolayers and, secondly, as
a consequence of this the surface area will change when the deposition begins. Multiple scans may
be required to stabilise the surface area. Finally, if it is discovered that currents are different every
time the potential approaches the reversible potential, then it is likely to be evidence of electrode
passivation or dissolution, both of which are undesirable.
It is preferable to conduct kinetic measurements under the conditions of imposed and well defined
hydrodynamics in the vicinity of the electrode. During an electrochemical process the diffusion layer
tends to grow with time (Christensen & Hamnett 1994) because thermal currents and concentration
gradients tend to set in and cause additional fluxes of species. Consequently, in unstirred solutions
mass transport due to convection can be neglected only on short timescales. When the reaction is dif-
fusion limited the increase in the diffusion layer thickness with time will alter the measured currents.
4.1.1.1 Kinetic Studies Using Rotating Disc Electrodes The most common method of inducing
well defined and stable hydrodynamic conditions at the laboratory scale is by using a rotating disc
electrode (RDE) as the working electrode. A rotating disc electrode system is constructed by embed-
ding a cylindrical rod of electode material into an insulating sheath. The sheath and disc surfaces are
in horizontal alignment. The top of the sheath is attached to a rotator and when the system is rotated
about the vertical axis, the rotational motion creates a solution flow pattern as indicted in Figure 4.1.
Under rotation, the solution below the surface of the disc is accelerated and spun radially outwards
from the axis of rotation. This movement effectively pumps material from the bulk up towards the
disk.
Due to friction between the disk and the electrolyte, a thin layer of electrolyte, characterised by
thickness δd remains stationary relative to the disk. The electroactive species have to diffuse through
this layer in order for the reaction to take place at the electrode. The thickness of this diffusion
layer is governed by Equation 4.3, which shows that faster rotation rates reduce the thickness of this
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Figure 4.1: Flow pattern induced by rotational motion of an RDE system
layer, thus allowing higher diffusion limited currents to flow. In the presence of forced convection the
thickness of the diffuion layer will be stable.
δd = 11.554D 13υ 16 f − 12 (4.3)
The limiting current density, generated with a rotating disk electrode, is given by the Levich equation,
shown in Equation 4.4, and is a function of electrode rotation frequency, f, in the units of Hz, the
kinematic viscosity of the electrolyte, υ, the diffusion coefficient of the electroactive species, D, and
the reaction stoichiometry, νe.
jL = 1.554νeFD 23υ− 16 f 12 c (4.4)
Figure 4.2: Entrapment of bubbles
in RDE systems
A potential problem with the use of RDE systems for studying
reaction kinetics is particularly relevant to acidic solutions, in
which the rate of hydrogen production will be large. Bubbles
will be formed at the electrode and will not necessarily be in-
stantaneously spun off. Bubbles tend to adhere to certain insu-
lating materials such as Teflon. Furthermore, in RDE systems
where the disk may be removed for polishing, the surfaces of
the disk and shaft cannot, in reality, be perfectly aligned manu-
ally and microscopic misalignments may lead to bubble trapping which will affect the hydrodynamics
of the solution at the electrode surface. Trapped bubbles may also block off a part of the electrode
area and thereby reduce the measured currents, as shown in Figure 4.2. The formation of bubbles
tends to cause a detectable noise in the measured currents, thus alerting to the influence of H2 bubbles
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on the kinetics. Consequently, data may be manually selected for analysis and sections of the curves
which are evidently affected by error due to the presence of bubbles may be excluded from analysis.
4.1.1.2 Experimental Procedure A Ni RDE was employed in the studies of NiII, H+ and H2O
reduction kinetics.
Ni  Disk 
Pt  Ring 
Epoxy 
Insulator 
20 mm 
7 mm 
Figure 4.3: End view schematic of the
Ni RRDE system employed in the kinetic
studies of NiII, H+ and H2O reduction; the
Pt ring was not utilised during the studies
The non-removable 7 mm diameter 99.95 % purity Ni
disk was embedded in an Epoxy sheath. Also embedded
in the sheath, but not utilised during the kinetic studies,
was a Pt ring. This RRDE system (Oxford Electrodes)
was controlled using a modulated speed rotator (Model
E6, Pine Instrument Company, Raleigh, NC, USA) to
which it was connected via a conducting stainless steel
sheath, made in-house. Experiments were conducted in
a three compartment glass cell, immersed in a temper-
ature controlled water bath. A Pt flag (custom made by
Cambridge Glassblowing Ltd.), shown in Figure 4.6, and
a saturated calomel electrode (SCE) (Cole-Parmer) were used as the counter and reference electrodes,
respectively. Kinetics were measured using a Metrohm PGSTAT 30 Autolab potentiostat / galvanos-
tat, which was controlled using the Autolab NOVA software.
In the preparation procedure, the surface of the embedded Ni disk electrode was mechanically pol-
ished to a mirror finish on a polishing machine (Alpha 2-speed grinder-polisher with 600 GRIP
CarbiMet® paper disks, Buehler Ltd., Lake Bluff, IL, USA), using 300 nm followed by 50 nm particle
diameter aluminium oxide powder in water, followed by rinsing with a jet of ultrapure water. Orig-
inally, the electrode was immersed in an ultrasonic bath for 5-10 minutes, following the polishing
procedure, but this step was subsequently found not to affect the kinetic data and so was abandoned
for most of the measurements.
Every kinetic experiment was conducted at 60, 240, 540 and 960 RPM. Rotation rates higher than
960 RPM were not used because the even radial distribution of solution flux away from the RDE was
affected by the close proximity of the immersed RDE to the glass cell wall, a physical arrangement
imposed by the limited number of ways in which the experimental setup could be positioned inside
the water bath.
The compositions of the nine electrolytes used in the kinetic studies are given in Table 4.1. All elec-
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(a)
  
C 
E 
F 
Glass cell 
Rotator 
A 
D 
B 
A – Rotating ring-disk electrode system 
B – Counter electrode 
C – Reference electrode 
D – Luggin probe 
E – Glass frit 
F – Electrolyte  
G – Waterbath 
G 
(b)
Figure 4.4: Experimental setup
Solution code [Na2SO4] / mol m-3 [NH3SO3] / mol m-3 [B(OH)3] mol / m-3 [Ni(NH2SO3)2] mol / m-3
(i) 500 + H2SO4 - - -
(ii) 500 250 - -
(iii) 500 250 190 -
(iv) 500 250 190 10
(v) 500 250 190 100
(vi) 500 250 190 250
(vii) 500 250 190 500
(viii) 500 250 190 750
(ix) 500 250 190 1000
Table 4.1: Kinetic solution compositions
trolyte solutions were prepared from analytical grade chemicals (Sigma-Aldrich Co.) and high purity
water, made by reverse osmosis (Elga Elgastat Prima) and de-ionisation (Elga Elgastat Maxima). The
chemicals were added to H2O in the order in which the are listed in Table 4.1.
H2 evolution kinetics in the absence of NiII were recorded in the bulk pH range 1.5 - 4.5, while
kinetics in the presence of NiII were measured in the pH range 2.0 - 4.5 as at pH 1.5 bubbles adhered
too strongly to the growing deposit.
After the addition of sulfamic acid to sodium sulfate solution, the bulk pH was measured to be ca. 0.9
and did not alter significantly with further addition of boric acid or nickel sulfamate. Consequently,
investigations in each solution were initiated from the lowest bulk pH, which was subsequently in-
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creased in-situ with additions of concentrated NaOH to solution in the presence of rapid stirring until
the pH increased by the required amount and any Ni(OH)2 precipitate was fully re-dissolved. In so-
lutions (ii)-(ix) pH increase overshoots were corrected with small volumes of dilute sulfamic acid.
Electrolyte (i), however, was acidified with sulfuric acid, in order to restrict the anions in this solution
to one type only.
In all solutions pH was increased in units of 0.5 pH and was monitored during the experiments in-situ
using a pH probe (Hanna Instruments Ltd., UK), positioned in the WE compartment of the three com-
partment glass cell. Initially, the solutions were purged with high-purity nitrogen (Domnick Hunter
NG104 nitrogen generator) only prior to the experiments with a nitrogen flux being maintained above
the solution thereafter. However, during kinetic experiments with solution (i), the effect of oxygen
re-entry in solution on the kinetic data was distinctly observed and so N2 purging was subsequently
conducted also during the experiments at all rotation rates except 60 RPM, when the additional effect
of strirring by the gas was observed on the mass transport limited H+ reduction current densities. All
data was recorded at a temperature of 25oC and each measurement was repeated several times on a
freshly polished electrode to ensure reproducibility.
H2 evolution kinetics were measured using negative-going linear sweep voltammetry starting from
potentials of zero current, going down to -1.2 V (SCE) at a scan rate of 10 mV s-1. Potentials of zero
current were identified in solutions (i), (ii) and (iii) at pHs 1.5, 2.0, 2.5, 3.0, 3.5, 4.0 and 4.5 using CV
scans within short potential ranges in the vicinity of the Nernst potentials of the H+/H2 couple, listed
in Appendix B. Kinetic measurements in the presence of NiII were made using cyclic voltammetry
between the potentials of zero current, identified during the studies of H2 evolution kinetics, and -1.2
V (SCE).
E 
   
/  
 V
Time,  t 
Ej=0
Figure 4.5: Cyclic procedure with increments
The nucleation of a fresh nickel monolayer on
top of a freshly polished Ni RDE was inves-
tigated using a CV procedure with increments
to the lower potential boundary. The first po-
tential cycle was conducted in the vicinity of
the potential of zero current, and the lower po-
tential boundary was subsequently incrementally
decreased by 0.1 V with every cycle down to the value of -1.2 V (SCE), as shown in Figure 4.5. This
procedure was used to investigate Ni nucleation from solution (viii) at pH 3.0.
During the polishing procedure the Ni disk and Pt ring were polished simultaneously, and so the
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contamination of the Ni surface with Pt particles was not an improbable side effect. As discussed
in Section 2.3.2.1 a potential difference of ca. 0.4 V is known to exist between the overpotentials
required to drive the HER on Ni and on Pt, the latter being the better catalyst. In order to verify
that the H2 evolution kinetics measured on the Ni RDE could indeed be attributed to Ni alone, a
series of kinetic measurements were also carried on a Ni wire (99.95 % purity, Sigma-Aldrich). H2
evolution kinetics were measured on a 50 mm long section of Ni wire, ensured by masking out the
remaining length of the immersed wire using acrylic lacquer (Tropicalised varnish, RS-Online), of 0.5
mm diameter and a total surface area of 7.85×10-5 m-2 in a solution containing 250 mol m-3 NH3SO3
and 190 mol m-3 B(OH)3 which was adjusted to pH values of 1.5, 2.0, 2.5, 3.0, 3.5 and 4.0 using
either NaOH and NH3SO3. The solution was purged with N2 gas before the kinetic measurements
were made. During the measurements solution was stagnant and an N2 blanket was maintained above
the solution by fixing the purger above the liquid surface.
Nucleation of Ni was also investigated using cyclic voltammetry on a 5 mm diameter Pt RDE, em-
bedded in a cylindrical Teflon sheath (Model E2 (Pt), Pine Instrument Company, Raleigh, NC, USA).
Nickel(II) reduction kinetics were measured at a fixed rotation rate of 650 RPM in solutions contain-
ing only the nickel sulfamate tetrahydrate salt at concentrations of 100, 500, 800 and 1250 mol m-3.
Kinetic measurements were made in each solution at bulk pH 3.0, 4.0 and 5.0, adjusted with NaOH
and H2SO4. The Pt RDE was prepared using the same polishing procedure as described above and
the solution was purged with N2 gas prior to and during all the experiments.
A series of voltammograms were also obtained on a Ni RDE in solutions containing potassium hex-
acyanoferrate(II) and or potassium hexacyanoferrate(III) with sodium carbonate as supporting elec-
trolyte. The compositions of the solutions that were investigated are listed in Table 4.2. All voltammo-
grams were obtained in the potential range -0.7 ≤ E (SCE) / V ≤ +0.4. Because both the oxidisable and
the reducible species are solute and because in strongly alkaline solution the cathodic reaction can take
place in the absence of interference from H2 evolution, the reduction and oxidation kinetics are po-
tentially one of the more straightforward coupled processes to model. The kinetics of these reactions
are also known to exhibit very well defined reversible potentials and regions of mass transport con-
trol. Consequently, the oxidation / reduction kentics of hexacyanoferrate(II) / hexacyanoferrate(III)
were modelled in gPROMS at various reactant concentrations in order to obtain a clear picture of the
concentration dependence of the transfer coefficient, α. Solutions were thoroughly purged with N2
gas prior to each kinetic measurement and the purger was lifted out of the solution to provide an N2
blanket thereafter.
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Solution code [K4Fe(CN)6] / mol m-3 [K3Fe(CN)6] / mol m-3 [Na2CO3] mol / m-3 pH
(A) - - 100 11.63
(B) - 10 100 11.63
(C) 10 10 100 11.61
(D) 10 10 1000 11.90
(E) 25 25 250 11.66
(F) 50 50 500 11.85
(G) 100 100 1000 11.96
Table 4.2: Composition of solutions containing K4Fe(CN)6 and K3Fe(CN)6 which were used in ki-
netic experiments at a Ni RDE
Finally, the comparison between the kinetics of O2 evolution on Pt and on Ebonex® (Ti4O7) were
studied using linear sweep voltammetry on the electrodes shown in Figure 4.6 in the absence of
forced convection in the potential range 0 ≤ E (SCE) / V ≤ 8.0 in a solution of 500 mol m-3 Na2SO4
at bulk pH 5.0 at a scan rate of 50 mV sec-1. Unwanted electrode areas were masked out with acrylic
laquer (Tropicalised varnish, RS Components, UK).
25 mm 
12.5 mm 
= Pt flag 
= Pt wire 
= Cu wire 
= Glass casing 
ca. 3.9 mm 
30 mm 
Ebonex 
electrode 
Platinum Flag 
electrode 
Figure 4.6: Electrodes created for studies of O2 evolution kinetics
4.1.2 Electrochemical Quartz Crystal Microbalance
An EQCM (electrochemical quartz crystal microbalance) is a device which is being increasingly used
in studies of surface processes. The quartz crystal microbalance (QCM) comprises a thin quartz crys-
tal sandwiched between two metal electrodes, as shown in Figure 4.7. Application of an alternating
electric field between the two electrodes results in shear strain across the crystal, causing its elas-
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tic vibrational deformation. The result of the vibrational motion is the establishment of a transverse
acoustic wave that propagates across the thickness of the crystal. A standing wave is established at
the resonant frequency. This resonant frequency is sensitive to changes in the mass of the crystal-
electrode system. One side of the QCM may be employed as a working electrode such that changes
in current and electrode mass may be measured simultaneously as functions of potential (Buttry &
Ward 1992), making this a particularly suitable technique for verification of current efficiency of
nickel deposition. Unfortunately, due to the high cost of the apparatus and the consumable crystals,
this technique could not be used to obtain all the required kinetic data.
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Figure 4.7: EQCM structure (Buttry & Ward 1992)
The most common quartz crystal used in EQCM sensors is the AT-cut quartz, which is prepared by
slicing through a quartz rod at an angle of approximately 35o with respect to the crystalline axis.
Only crystals cut at the correct angles with respect to the crystalline axes exhibit reproducible and
quantifiable shear displacements. During electrochemical experiments one side of the coated AT-cut
quartz crystal is immersed under a column of the electrolyte with the opposite side facing air.
The resonant frequency, f0, may then be calculated as a function of the crystal thickness, Wq, and the
velocity of the shear wave, vtr using Equation 4.5:
f0 = νtr
λ
= νtr
2Wq
(4.5)
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where λ is the wavelength of the standing wave. The velocity of the wave is essentially the speed of
sound through a material and is a function of the shear modulus, µq, and density, ρq, of the quartz
crystal:
νtr = √µtr
ρtr
(4.6)
giving,
f0 = √µtr
ρtr
1
2Wq
(4.7)
When a uniform layer of a foreign material is added to the surface of the quartz crystal the acoustic
wave will travel across the interface between the quartz and the layer, and will propagate through
the foreign layer. Thus the expression for the resonant frequency changes to take into account the
increase in the thickness of the crystal system:
∆ f
f0
= ∆W
Wq
= − 2 f0∆W√
µq/ρq (4.8)
Therefore,
∆ f = − 2 f 20 ∆W√
µq/ρq (4.9)
The minus sign is due to the fact that the acoustic wavelength becomes longer as the thickness of
the composite resonator increases and hence the resonant frequency reduces relative to that of the
QCM. The change in thickness can be expressed in terms of the accumulated mass, ∆m, density of
the deposit, ρq, and the area, A, of the electrode on which the deposit will form:
∆W = ∆m
Aρq
(4.10)
Consequently,
∆ f = − 2 f 20 ∆m
A√µqρq (4.11)
Rearranging,
∆m = −A√µqρq∆ f
2 f 20
(4.12)
and expressing ∆f in terms of the constants and the variables gives the Sauerbray equation:
∆ f = −C f A−1∆m (4.13)
Cf is referred to as the sensitivity constant, which is typically expressed in units of ng cm-2 Hz-1:
C f = 2 f 20√
µqρq
(4.14)
The sensitivity of the crystal to changes in mass is proportional to the square of the resonant frequency
and hence higher sensitivity may be achieved by using crystals with higher resonant frequencies,
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which are typically in the range 1 - 80 MHz. The values typically used for the shear modulus and the
density of an AT-cut quartz crystal are 2.947×1011 g cm-1 s-2 and 2.648 g cm-3, respectively (Buttry
& Ward 1992). It is important to note that the measured quantity during experiments is ∆f and not
∆m and as such an EQCM is not strictly a mass sensor. The measured frequency may be subject
to other environmental effects that are not always obvious but may lead to the misinterpretation of
results. Additional frequency changes may, in general, be caused by excessive mass loadings which
may alter the sensitivity of the crystal (this error may be obviated by ensuring the deposit mass is
below 2% of the original QCM mass); absorption of water into the deposit structure can result in
the trapped liquid vibrating simultaneously with the deposit and leading to erroneous calculations of
the deposit mass (elemental nickel deposits are not porous structures); changes in hydrostatic pressure
due to changes in solution density may influence the crystal response (for short experiment timescales
it may be assumed that the pressure on the crystal does not change); changes in the hydrophobicity
of the surface due to various adsorption processes may alter the frictional forces between the QCM
and adjacent layers of H2O, leading to changes in measured frequency (this may potentially happen
due to adsorption of hydrogen); finally, compressive stresses may introduce alterations to shear wave
propagation and also alter the frequency measurements.
4.1.2.1 Experimental Procedure A Metrohm / Autolab EQCM module with an Au/TiO2 coated
AT-cut quartz crystal was used in conjunction with the Metrohm PGSTAT 30 Autolab potentiostat /
galvanostat to estimate the nickel(II) reduction current efficiencies, ΦeNi, as a function of electrode
potential in solutions (v) and (ix) from Table 4.1 containing 100 and 1000 mol NiII m-3, respectively,
at bulk pH 3.0. The change in the electrode mass due to the deposition of nickel was evaluated using
the Sauerbray expression, given in Equation 4.13, based on the measured frequency changes.
The EQCM cell, shown pictorially in Figure 4.8, was composed of an Au/TiO2 coated EQCM work-
ing electrode, an Au wire counter electrode and an AgCl/Agsat reference electrode. The resonant
frequency, fo, of the EQCM was specified as 6 MHz, electrode area, AEQCM, as 0.35 cm2, resolution
frequency as 0.07 Hz, accuracy of frequency measurements as 1 Hz, the sensitivity coefficient, Cf,
as 0.0815 Hz cm2 ng-1 and a maximum accurately measurable frequency change of 75 kHz. The
maximum volume of liquid which may be held by this EQCM cell is specified as 3 cm3.
Using the hydrogen atom mass, mH, of 1.673×10-24 g and the maximum surface coverage by an
adsorbed monolayer of hydrogen, ΓH, max, of ca. 1.3×1015 atoms cm-2 (Wang, Chen, Hu & Guo
2006), the resulting change in electrode mass, ∆mH monolayer, due to a monolayer of adsorbed hydrogen
at a fractional surface coverage of unity, may be computed: ∆mH monolayer = mHθHΓH, maxAEQCM =
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1.673×10-24 ×1 ×1.3×1015×0.35 = 0.761 ng.
Similarly, using the nickel atom mass, mNi, of 9.417×10-23 g, the change in electrode mass,
∆mNi monolayer, due to a monolayer of adsorbed nickel at a fractional surface coverage of unity is
∆mNi monolayer = mNiθNiΓNi, maxAEQCM = 9.417×10-23 ×1 ×1.3×1015×0.35 = 42.847 ng.
The maximum surface coverage by heavy metal atoms has also been quoted as 10-8 mol cm-2 (Santana
et al. 2009b), giving a hydrogen surface atom density of 6.02×1015 cm-2 and a nickel surface atom
density of 6.23×1015 cm-2. Consequently, in this case, ∆mH monolayer and ∆mNi monolayer will be 3.52 and
205.35 ng, respectively.
With the sensitivity coefficient of 0.0815 Hz cm2 ng-1 the changes in the EQCM frequency caused by
adsorption of a single monolayer of hydrogen and nickel will be ca. -0.5 and -28.5 Hz, respectively,
based on the surface density values quoted in (Wang et al. 2006) and -2.34 and -136.62 Hz, respec-
tively, based on the surface density values quoted in (Santana et al. 2009b). With a detection accuracy
for the EQCM frequency change of 1 Hz it is not expected that hydrogen adsorption could be reliably
detected but that nickel monolayer formation should be clearly detected, once deposition begins.
Current and frequency responses were measured during CV scans in three potential regions:
1. 0 ≤ E (AgCl/Ag) / V ≤ +0.3
2. -0.8 ≤ E (AgCl/Ag) / V ≤ +0.3
3. -1.2 ≤ E (AgCl/Ag) / V ≤ -0.36
The first potential region was studied only to verify the stability of the frequency response with time
and ascertain noise levels on an Au surface; no significant frequency change was expected. The
second potential region was studied in order to ascertain the values of the electrode potentials at
which nickel deposition onsets in solutions (v) and (ix). The third potential region was investigated
in order to quantify the nickel(II) reduction current efficiencies in the two solutions as functions of
electrode potential; the upper potential limit was decreased from +0.3 V to -0.36 V in order to prevent
significant nickel re-dissolution and thus avoid possible electrode passivation.
The mass of Ni deposited on the electrode was evaluated using the EQCM frequency response. The
charge passed, which was calculated using the Trapezium rule based on the measured current as a
function of time, was used to evaluate the change in Ni mass that would be observed if the current
efficiency was unity. The ratio between the detected mass change and maximal mass change was used
to evaluate the nickel(II) reduction current efficiency as a function of applied potential.
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Experiments conducted in the three potential regions for each solution were repeated multiple times
to ensure reproducibility. Prior to the start of each experiment the solution in the cell was replaced to
ensure the same starting bulk pH and NiII concentration. Due to the small size of the cell, purging of
the solution with N2 was not a procedure that could be feasibly followed and as such was not carried
out. The EQCM driving frequency was allowed to stabilise before the start of each experiment for
ca. 10 minutes until the frequency shift per minute was less than 1 Hz. During experiments the
EQCM setup was enclosed in a Faraday cage in order to limit the electrical noise from surrounding
equipment. Finally, the average electrolyte temperature was ca 22.5oC
(a) EQCM circuit: cell connected to oscilla-
tor which is also connected to the potentiostat
(b) Counter (Au spiral) and Reference elec-
trodes fixed to the cell lid
(c) The cell: gold-coated EQCM at the bot-
tom of a cell which is filled with dilute nickel
solution
Figure 4.8: EQCM setup & components
4.2 Determination of the Nickel Sulfamate Eﬄuent Composition
4.2.1 Nickel and Iron Concentrations
4.2.1.1 UV-Visible Spectrophotometry Nickel(II) concentration in solutions was evaluated by
measuring absorbance magnitudes at a wavelength of 393 nm using a UV-Visible spectrophotometer
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(Model 8453, Agilent Technologies, Stockport, UK). In this method the photons emitted by a photon
source pass through the solution sample in a cuvette of thickness l. The ratios between the emitted and
detected photon intensities are used to evaluate absorbance at the wavelengths of interest, as shown
by Beers law in Equation 4.15, where Aλ is the absorbance, I0 and I are the emitted and detected
intensities, respectively, ε is the absorptivity of species and c is their concentration in the sample.
Aλ = −log II0 = εcl (4.15)
y = 0.0051x - 0.0029
R² = 0.9999
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Figure 4.9: Calibration curve for UV-Vis ab-
sorbance at λ = 393 nm versus NiII concen-
tration in 10 mm thick quartz cuvette
Calibration curves of absorbance magnitudes at λ =
393 nm versus nickel(II) concentration in solution
were constructed manually using pure nickel sulfate,
nickel chloride and nickel sulfamate solutions in the
concentration range 82 ≤ NiII / mol m-3 ≤ 820. All
three solutions generated nearly idential curves; the
average calibtaion curve obtained in a 10 mm thick
quartz cuvette is shown in Figure 4.9. Calibration
curves were constructed separately in 10 mm and 1
mm thick cuvettes. The difference between the cali-
bration curves was only in the gradient; the gradient
obtained in the 1 mm cuvette was one order of magnitude lower than in the 10 mm cuvette.
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Figure 4.10: UV-Vis absorbance spectrum of
2.75 mol m-3 iron(III) chloride, obtained for
200 ≤ λ / nm ≤ 500 in a 1 mm thick quartz
cuvette
Unlike nickel, iron exhibits very broad absorption
peaks, as shown in the spectum obtained in a 2.75
mol m-3 iron(III) chloride solution of pH 1.85, pre-
sented in Figure 4.10. Iron also exhibits a much
stronger absorptivity than nickel and its spectrum may
overlap with the absorption spectra of nickel, even at
small concentrations. For this reason UV-Vis spec-
trophotometry was an excellent method of detecting
traces of iron in the eﬄuents and was used to sep-
arate the provided nickel sulfamate eﬄuent samples
into those which did not contain iron and those which
did. As discussed in Section 2.3.2.2, the presence of
very small concentrations of iron may be sufficient to modify the kinetics of nickel(II) reduction.
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4.2.1.2 Inductively Coupled Plasma Spectroscopy Measurements using inductively coupled
plasma spectroscopy (ICP) were used to analyse solution samples for nickel and iron content. ICP
(Perkin Elmer Optima DV 2000; Perkin-Elmer, Waltham, MA, USA) was used identify the nickel
and iron contents in several nickel sulfamate eﬄuent samples and also to verify the nickel concen-
tration measurements made using the UV-Vis spectrophotometer. In this method, a high frequency,
high energy magnetic field is applied by a coil to a gas stream, in this case Argon. Thus, the gas is
excited and a plasma is created. A liquid sample is then pumped into the system by a peristaltic pump,
nebulised and sprayed into the plasma flame, which leads to the excitation of the sample. As a result,
an emission spectrum can be measured showing peaks at wavelengths characteristic of its composi-
tion. The concentration of the sample components at these wavelengths is determined by calibration
of the emission intensity. The ICP machine was already pre-calibrated for Ni and Fe using 10, 25 and
50 ppm standards. To prevent the internal contamination of the system heavy metal concentrations
in the input solution are restricted to ca. 100 ppm. For this reason the heavily concentrated nickel
sulfamate eﬄuents had to be diluted by a factor of 4000. In the dilution procedure 1 cm3 of eﬄuent
was added to 39 cm3 of ultrapure water; after thorough mixing 1 cm3 of this solution was added to
ultrapure water to make up a volume of 100 cm3 together with 1 cm3 of 68% nitric acid, added to pre-
vent precipitation. Two sets dilutions for each eﬄuent sample were prepared for analysis using two
different pippettes, a glass volumetric pippette and an adjustable volume pippettor with disposable
tips (Cole-Parmer), to avoid error.
4.2.2 Chloride, Ammonium and Nitrate Ion Concentrations
4.2.2.1 Liquid Ion Chromatography Ion chromatography (IC) was used to analyse eﬄuent sam-
ple for their chloride ion, ammonium ion and nitrate ion contents. In the IC technique the liquid
sample is mixed with a carrier fluid, a mobile phase, and passed through an ion-exchange material, a
stationary phase, which attracts and exchanges ions from the mobile phase. The adsorbed species are
continuously flushed out of the column by the carrier and detected by a conductivity probe. In this
way the ionic composition of the sample can be determined. The ion chromatograph (882 Compact
IC Plus with 863 Compact Autosampler, Metrohm) was used in conjunction with a cation column
to measure ammonium ion concentrations and an anion column to measure the concentrations of the
chloride and nitrate ions in the eﬄuent samples. This machine was also pre-calibrated for the three
ions of interest. In order to prevent the contamination of the ion exchange columns by heavy metals,
nickel and iron were precipitated out of the eﬄuent samples in a beaker through additions of potas-
sium hydroxide until the solution pH rose to ca. 12. After most of the precipitate accumulated at the
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bottom of the beaker the remaining liquid was sampled from the top of the beaker, then filtered and
diluted by a factor of 250. Subsequently, the solution was diluted by another factor of 10 in order to
achieve an overall dilution factor of 2500. As with the dilution of eﬄuent samples for ICP analysis,
several methods of dilution were also employed here, in order to minimise error.
Analysis results for eight nickel sulfamate eﬄuent samples are presented in Appendix A.
4.3 Macrokinetic Studies of Nickel Recovery in Batch-Recycle Mode
4.3.1 Reactor Designs, Configurations and Materials
Three reactors were utilised in studies of nickel(II) recovery from samples of industrial nickel sulfa-
mate plating eﬄuents: two bench-scale reactors and a pilot plant reactor. The first bench scale reactor
had been previously constructed for a different research project and was used in the present research
only to obtain a qualitative picture of nickel(II) reduction rates and their dependence on factors such
as electrode potential, solution pH and influence of contamination by iron. This reactor was slightly
modified in order to facilitate the incorporation of a cation-permeable membrane. The second bench
scale reactor was designed and build in-house specifically for the purpose of treating nickel sulfamate
eﬄuents. The pilot plant prototype, which was a scale-up of the second bench-scale reactor, was
commissioned by sponsors Atranova and designed and built by Cambridge Systems Engineering Ltd.
This reactor was tested at Imperial College and at the site of Gower Chemicals Ltd. in Swansea.
4.3.1.1 Bench Scale Reactor No. 1 For the first set of nickel(II) recovery experiments and prior to
the construction of a bench-scale reactor tailored specifically to the treatment of the industrial problem
at hand, a bench-scale reactor, developed for studies of aluminium dissolution by (Mechelhoff 2009),
was used and is described below.
The original construction of the bench-scale reactor is shown schematically in Figure 4.11a. The
reactor consisted of a rectangular PMMA (Perspex) reactor body, composed of two halves, each
holding a rectangular plate electrode, also shown in 4.11a, bolted together and sealed using o-rings.
The electrodes, 140 mm in length, 35 mm in width, up to 3 mm in thickness, with a geometric surface
area of 49 cm2 on each side, were positioned 0.19 m above the inlet, a design feature included to
induce flow stability. In the presence of two 3 mm thick electrodes the interelectrode gap was 2
mm. The potentials of the anode and the cathode could be monitored by two reference electrodes,
situated in separate compartments either side of the reactor which are visible in Figure 4.11c. Each
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compartment was connected by a tube to a drill hole in the side of the reactor leading to the reactor
flow channel. A corresponding hole in the plate electrodes ensured a liquid connection between the
reference compartments and the solution in the reactor during operation. In this way, the electrode
potential was measured at the electro-active surface of the electrode in the vicinity of this hole. The
design permitted for continuous flow of solution under the reference electrodes via tubes leading back
to the electrolyte reservoir. This design facilitated the removal of any trapped bubbles, which could
be forced out under the pressure of solution flow.
Originally, this reactor was constructed with one inlet and one outlet only, as shown in Figure 4.11a;
however, for the purpose of nickel sulfamate eﬄuent treatment a membrane was required to separate
the reactor into two compartments. For this reason the reactor half featuring the threaded inlet and
outlet cavities was replicated to permit the expansion of the experimental setup, shown schematically
in Figure 4.11b, now featuring two inlets, outlets and electrolyte reservoirs, as shown in Figure 4.11c.
It should be noted, that a particularly important issue with the design of this reactor was that the
0.19 m entry length, designed to stabilise the flow in order facilitate the modelling of aluminium
dissolution, was in fact a most unfortunate feature because it permitted diffusion of nickel(II) ions
into the anolyte in the absence of an electric field in that reactor region.
Furthermore, this reactor structure was unfortunately suitable only for depositing nickel over short
time periods. There was no physical space between the reactor walls and the electrode to allow for
electrode growth, as can be envisaged from Figure 4.12. Nickel was found to deposit not only on the
electrode face opposite the anode but also on the side facing away from the anode and on the edges
and this ulitimately made the electrode very difficult to remove out of the reactor.
Nickel deposition was performed on a variety of cathodes including Ni and stainless steel plates and
an expanded Ni mesh, while a platinised titanium expanded metal mesh was used as the anode and
two SCEs were used as reference electrodes. To ensure an exact geometric area of 4.9×10-3 m2,
certain regions of the electrode were coated in acrylic varnish (Tropicalised varnish, RS Components
Ltd., Corby, UK); it was, however, only sensible to mask out the top regions of the electrodes and not
the entirety of the back faces, as that made electrodes very difficult to clean.
4.3.1.2 Bench Scale Reactor No. 2 The second bench-scale reactor was designed with a view to:
1. Permit Ni deposition at higher current densities and at higher linear flow rates than in bench-
scale reactor No. 1
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(a) Undivided bench-scale reactor (Mechelhoff 2009)
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Figure 4.11: Schematic representation of the cathodic and anodic reactor compartment structures and
features
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Electrode slides in from the top
and sits against the back wall of the reactor
Deposit grows towards the anode
Cathode
Figure 4.12: Top view schematic of bench-scale reactor No.1
2. Prevent entrapment of the nickel electrode in the reactor due to dimensional growth
3. Permit the incorporation of planar mesh Pt/Ti anodes as well as ceramic Ebonex® rods, the
testing of which was required by sponsors Atranova
4. Preclude diffusion in reactor regions where an electric field is permanently absent
5. Facilitate a suitable connection between the electrodes and their respective RE compartments
6. Incorporate the reference electrode compartments in the reactor body
7. Prevent the membrane from curving towards electrodes due to corrugation / pressure of flow
Figure 4.13: Bench-scale reactor No. 2
in operation
The cathode and anode compartments as well as the ad-
ditional reactor components such as flow distributors were
produced separately out of PMMA blocks using a com-
puter numerically controlled milling machine (CNC). The
assembly of the cathodic and anodic reactor bodies are
shown schematically in Figures 4.14a and 4.14b, respec-
tively. The two compartments are bolted together for op-
eration. The functional purpose and dimensions of the re-
actor components are given in Table 4.4. The geometric
cathode surface area used during experiments was 8×10-3
m2 (0.2 m ×0.04 m); the remaining area that was exposed
to solution was coated in acrylic varnish.
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(a) Cathode compartment
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(b) Anode compartment
Figure 4.14: Schematic representation of the cathodic and anodic reactor compartment structures and
features
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Reactor part Function Dimensions (L
×W ×H) / mm
Cathode body Houses the cathode compartment, the reference
electrode and provides a channel for catholyte
flow
300×100 ×40
Cathode com-
partment
Houses the cathode, cathode support frames,
the flow distributor and the diffusion barrier
240×50×10
Cathode support
frames
Provides vertical support for the cathode at the
sides; they can be removed together with the
electrode when it is stuck; the frame closest to
the RE compartment contains a cavity ajacent
to the channel connecting the RE compartment
with the cathode compartment, the two together
in effect act as a Luggin probe
250×5×9.5
Catholyte flow
distributor
Distributes solution in front and behind the
cathode (positioned at a height of 1cm above it)
by providing a pressure drop
10×50×10
Catholyte diffu-
sion barrier
Positioned directly underneeth the flow distrib-
utor, the barrier ensures no that the catholyte
flowing into the reactor comes into contact with
the membrane until it passed through the flow
distributor
40×variable×2
Reference elec-
trode compart-
ment
Houses an SCE (Cole-Parmer); connected via a
narrow cannel to the cathode compartment
Cathode Plate or mesh 250×440×3
Anode body Houses the anode, the reference electrode and
provide a provides a channel for anolyte flow
240 ×100 ×40
Anode compart-
ment
Can house 2 Ebonex rods or a planar mesh elec-
trode (side slots provided), as well as an Ebonex
support frame / anolyte distributor (can be re-
moved when use of a planar mesh is required)
and the diffusion barrier / membrane support
frame
240×50×25
Ebonex support
frame / anolyte
distributor
Provides two slots into which the Ebonex rods
may be inserted; space is carved out to permit
anolyte flow
30×50×25
Top Ebonex sup-
port
Provides support for the Ebonex rods at the top
of the reactor and keeps them in vertical align-
ment
Membrane sup-
port frame
Doubles as a diffusion barrier to mirror the bar-
rier on the cathode side and also as a support
against membrane corrugation
250×50×2
Pt/Ti planar mesh anode material 250×54×2
Ebonex rods anode material 300×20 (outer di-
ameter), 14 (inner
diameter)
Table 4.4: The functional purpose and dimensions of the components of bench-scale reactor No. 2
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(a) Internal reactor structure: anode assembly (left) and cathode assembly (right)
Diffusion 
barrier
Catholyte 
inlet
Flow 
distributor
Cathode 
support 
frame
(b) Relative positions of the diffusion barrier, flow dis-
tributor and the cathode inside the cathode body
Flow channel 
connecting 
the RE and 
cathode 
compartments
RE 
compartment
Fitting with   
O-ring seal
(c) RE compartment
(d) Anolyte flow distributor and Ebonex support (e) Vertical support for Ebonex anodes at the top pf the
reactor
Figure 4.15: Internal features and assembly of bench-scale reactor No. 2
157
4.3.1.3 Pilot Plant Reactor Prototype The scale-up factor relative to the bench-scale reactor No.
2 afforded by the pilot plant reactor, whose main body was constructed of PMMA and all removable
parts out of polypropylene, was ca. 15 in terms of the estimated cathodic surface areas. The outer
appearance of the reactor with the nickel cathode and three of the twenty Ebonex® rod anodes in place
is shown in Figure 4.16. A schematic of the top view of the reactor showing the relative alignment of
the cathode, anodes and membrane support frame apertures is shown in Figure 4.17.
Figure 4.16: Pilot plant reactor prototype
3
460
500
≈ 23 ≈ 33
484
50
470
10
Cathode
Membrane 
support + 
spacer
Anodes
Figure 4.17: Top-view schematic of the relative geometries of the nickel cathode, the membrane frame
and the Ebonex anodes in the pilot plant
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(a) The frame contains grooves along the sides and along the base to house a planar cathode
mesh. The base of the frame also acts as a flow distributor: electrolyte is projected both in
front and behind the electrode. Cavities in the back wall of the frame provide a view of the
electrode during reactor operation.
(b) The cathode frame holding a planar nickel mesh electrode
Figure 4.18: The cathode frame of the pilot plant reactor
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(a) Anode support frame, shown holding three of twenty
Ebonex® rods. Electrical continuity between the rods is ensured
via a heavy duty copper bus bar
(b) Anode frame inside the anode reactor body. A single anolyte
inlet is split into five flow channels; subsequently solution is
forced through cavities on the front face of the frame
(c) The complete anode compartment, a spacer contains apertures
to allow passage of current
(d) The ’Luggin’ contact between the anode array and the refer-
ence electrode compartment
Figure 4.19: Structure of the anode compartment of the pilot plant reactor
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(a) Removable membrane assembly, including a cation-
permeable membrane, silicon sheaths and polypropylene frames
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(b) Internal alignment of reactor features
(c) Vertical alignment between the cathode and anode (d) Structure of the externally attached inlets and outlets
Figure 4.20: Structure of the anode compartment of the pilot plant
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The prototype pilot plant reactor utilised a 0.5 m ×0.36 m nickel mesh cathode; the geometric di-
mensions of this mesh (Mesh No. 2) are given in Figure 4.21. The total surface area of the cathode
is 0.162 m2, taking into account that both sides of the mesh are potentially electroactive and that the
open area, as estimated by the manufacturers, is ca. 50%., while the electrochemically active cathode
surface area is estimated at 0.118 m2, taking into account the known proportion of the surface that
is shielded by the supporting frame and the known fraction of the surface area that is not exposed to
solution. The reactor also utilised 20 Ebonex rod anodes, connected via a copper bus bar. Neglecting
the porosity of the supplied Ebonex® rods, the total electroactive surface area of twenty rods is esti-
mated at 0.277 m2. The approximate distance between the membrane and the cathode was 10mm and
13mm between the membrane and anodes. The electroactive area of the membrane is estimated to be
0.072 m®, which is ca. 60% of the electrode area in the absence of shielding by the support frames.
Based on the available volume in the cathode compartment of ca. 1.74×10-3 m3 and the assumption
that nickel would deposit uniformly across the electroactive surface area and in the directions towards
and away from the membrane, it is calculated that ca. 264 dm3 (a quarter of an IBC) of molar eﬄuent
can be processed in the reactor, generating 15.5 kg of deposit, before the electrode would require
replacement.
4.3.2 Experimental Procedure
Electrochemical recovery of nickel from industrial eﬄuents and also from synthetic nickel sulfamate
solutions was investigated both under potentiostatic and galvanostatic control. Details of experiments
conducted in bench-scale reactors No. 1 and No. 2 and in the pilot plant, which are reported in this
thesis, are given in Tables 4.5, 4.6 and 4.7, respectively.
Catholyte solutions investigated were samples of nickel sulfamate eﬄuents (in the absence and pres-
ence of the iron contaminant) as well as synthetic nickel sulfamate and Watts solutions. The anolyte
was composed of 1000 mol m-3 Na2SO4 in experiments 1 - 9; thereafter the concentration was reduced
to 500 mol m-3.
A series of potentiostatic experiments were conducted in bench-scale reactor No. 1 with a view to
evaluate NiII reduction rates and their variation with NiII concentration and with catholyte pH. Nickel
deposition rates were evaluated by periodically weighing the electrode. The rates obtained in this way
were compared with the rates of decrease in NiII concentration measured through UV-Vis absorption
spectra. Anolyte and catholyte pH were intermittently monitored in their respective reservoirs. Re-
sults are compared for data obtained using synthetic Watts, synthetic nickel sulfamate and nickel
162
sulfamate eﬄuent solutions. The effect of anolyte pH adjustments via additions of NaOH on nickel
deposition current efficiencies was analysed by manually making periodic crude re-adjustments of the
sodium sulfate anolyte pH to its starting neutral value. Finally, the quality of nickel deposits obtained
on flat plate electrodes were compared with those obtained on expanded metal mesh electrodes.
A series of galvanostatic experiments were conducted in bench-scale ractor No. 2. Nickel(II)
reduction current efficiencies were evaluated in the absence and presence of anolyte pH adjustments;
pH adjustments were made manually at an hourly rate or continuously using a dosing pump. Required
rates of NaOH addition to the anolyte were first calculated such that the amount of added hydroxide
compensated 100 % of the H+ generated at the anode. Subsequently, the required addition rates were
computed using the macro-kinetic model discussed in Section 3.2.2. In the absence of micro-kinetic
parameters, calculations were made on the assumption that at a bulk pH of 3.0 nickel(II) is reduced
with a current efficiency of 95 % (an average value determined from preceding experimental runs).
Model predictions were subsequently applied to the operation of the pilot plant reactor. This reac-
tor was characterised for rates of mass transport using rates of hexacyanoferrate(III) reduction. It
was thus ensured that the currents applied to reduce nickel(II) did not exceed mass transport limited
values. During several experimental runs the initially high applied current was gradually reduced as
nickel(II) was depleted.
Three experimental runs were conducted in the prototype pilot plant reactor under galvanostatic con-
ditions. The first two experiments were conducted over short timescales to confirm that the reactor
system was functional. The final experimental run at the industrial site of Gower Chemicals Ltd. was
conducted over the available time-scale of 40 hours with a view to measure the extent of NiII depletion
and verify the suitability of the reactor system to treating large volumes of nickel sulfamate waste.
Solution pH was measured using a pH probe (Hanna Instruments Ltd., UK); solution was extracted
from each reservoir for measurements and then replaced. In experimental runs 10-14 this pH probe
was permanently positioned in the catholyte; another pH probe (Sension, Hach-Lange, Manchester,
UK) was used to monitor the pH of the anolyte.
Where continuous anolyte pH adjustements were made, a peristaltic dosing pump (REGLO Digital
MS-2/6, Ismatec, Germany) was used to drip-feed the 4400 mol m-3 solution of NaOH.
Bench scale reactors No. 1 and No. 2 were divided using a Nafion 424 cation permeable membrane
(Du Pont Inc., USA), while membane CMI-700 (Membranes International Inc., Ringwood, NJ, USA)
was used in the pilot plant.
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Experiment code Solution Cathode EC, Applied (SCE) / V Duration / hours Anolyte pH adjustement VC / dm3 VA / dm3 [NiII]Start / mol m-3 [NiII]End / mol m-3
1 Watts bath (Watts) SS plate -0.9 24 One adjustment 0.5 1 760 350
2 Synthetic (sulfamate) Ni plate -0.9 4 None 0.5 1 1600 980
3 Synthetic (sulfamate) Ni plate -0.9 3 Hourly 0.5 1 1600 1200
4 Synthetic (sulfamate) Ni mesh -0.9 4 Hourly 0.5 1 1440 850
5 Eﬄuent (sample 1) Ni mesh -1.0 5 None 0.5 1 1350 1200
6 Eﬄuent (sample 1) Ni mesh -1.0 21 None 0.5 1 820 55
Table 4.5: Experimental details of potentiostatic runs conducted in bench-scale reactor No. 1
Experiment code Solution Cathode IApplied / A Duration / hours Anolyte pH adjustement VC / dm3 VA / dm3 [NiII]Start / mol m-3 [NiII]End / mol m-3
7 Eﬄuent (sample 2) Ni mesh 5 8 None 0.5 1 2100 735
8 Eﬄuent (sample 2) Ni mesh 3.2 17 None 1 1 2140 1140
9 Eﬄuent (sample 2) Ni mesh 3.2 - 9.5 11.5 Hourly 0.5 1 2080 812
10 Eﬄuent (sample 8) Ni mesh 5 6 Continuous 0.6 1 1100 45
11 Eﬄuent (sample 2) Ni mesh 5 7 Continuous 0.6 1 1985 680
Table 4.6: Experimental details of galvanostatic runs conducted in bench-scale reactor No. 2
Experiment code Solution Cathode IApplied / A Duration / hours AnolytepH adjustement VC / dm3 VA / dm3 [NiII]Start / mol m-3 [NiII]End / mol m-3
12 Eﬄuent (sample 7) Ni mesh 59 12 Continuous 12.5 12.5 1770 ca. 736
13 Eﬄuent (sample 8) Ni mesh 61 - 188 17 Continuous 12.5 12.5 1220 363
14
Eﬄuent (sample re-
ceived at Gower) Ni mesh 60 - 26 40 Continuous 25 25 2010 200
Table 4.7: Experimental details of galvanostatic runs conducted in the pilot plant reactor
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Potentiostatic experiments were controlled with a Metrohm PGSTAT 30 Autolab potentiostat / gal-
vanostat coupled with a 10 A booster (Autostat). Galvanostatic experiments conducted in the bench-
scale reactors were either also controlled with the Metrohm PGSTAT 30 Autolab galvanostat or with
a power supply (QL series, TTi Inc., Fort Worth, TX, USA) with a maximum current output of 5 A.
The pilot plant was controlled using a curent source with a maximum output of 30 V / 80 A (GEN
30-80, Genesys U1, TDK-Lambda, Devon, UK).
Bench-scale reactor No. 2 was run with both the Pt/Ti mesh and Ebonex rod anodes; cell voltages
were compared.
Electrolytes were circulated through the reactor compartments with DC-powered, magnetically-
coupled centrifugal pumps (Pan World Co. Ltd) with PVDF contact surfaces. Catholyte flow rates
were measured with a microturbine flow meter (800 series, Titan Enterprises Ltd., Dorset, UK) incor-
porated into the flow circuit.
Changes in the masses of cathode electrodes used in bench scale reactors No.1 and No. 2 were mea-
sured using an analytical balance with a measurement precision of 10-6 g (Mettler Toledo, Leicester,
UK); electrodes were rinsed and dried prior to being weighed.
Parameter Mesh dimensions / 
mm
Mesh 1 Mesh 2
A 14.4 14
B 19.4 20
C 4 8
D 6.7 10
E 2 2.5
F 1 1
G 3 2
F = thickness of starting 
material prior to expansion
G = overall thickness of 
raised mesh piece
Figure 4.21: Expanded Ni mesh dimensions
Figure 4.21 shows the dimensions of two
expanded metal mesh materials which were
used in nickel recovery experiments; the
first mesh was used in experiments 4 - 9,
while the second mesh was used in exper-
iments 10 - 14, including the pilot plant
experiments. The surface area of a single
electrode face was estimated to be ca. 50%
of the geometric surface area for both mesh
geometries. Mass transport at both mesh
electrodes was characterised in bench-scale
reactor No. 2 using the reduction of hexa-
cyanoferrate(III) ions under potentiostatic control. The products of mass transport rate coefficients,
km, and the nickel mesh cathode area, A, were determined experimentally as a function of catholyte
flow rate using the mass transport controlled reduction of Fe(CN)63- ions at a constant potential of -
0.85 V (SCE). 5×10-4 m3 of solution containing 102 mol m-3 of K3Fe(CN)6 and 103 mol m-3 of sodium
carbonate as supporting electrolyte at pH ca. 10 were circulated through the cathode compartment at
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volumetric flow rates varied between 0 and 20 cm3 s-1, corresponding to linear flow velocities in the
range 0 - 5×10-2 m s-1. The charge passed to reduce hexacyanoferrate(III) to (II) was measured and
subsequently used to evaluate kmA via:
Q = tkmAcνeF (4.16)
The concentration of Fe(CN)63- was recalculated after the measurements at each flow rate, assuming
a 100% K3Fe(CN)6 reduction current efficiency.
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5 Microkinetics of Nickel(II), Proton and Water
Reduction on Ni
5.1 Hydrogen Evolution Kinetics in the Absence of Nickel(II)
The kinetics of H2 evolution on a Ni RDE were studied in sulfate media in the absence and presence
of sulfamic acid and boric acid in the pH range 1.5 - 4.5. Figure 5.1 shows the cyclic voltammograms
obtained at a scan rate of 10 mV s-1 in the vicinity of electrode potentials at which the measured
current densities tended to zero in three solutions composed of
(i) 500 mol m-3 Na2SO4 acidified with H2SO4
(ii) 500 mol m-3 Na2SO4 with 250 mol m-3 NH3SO3
(iii) 500 mol m-3 Na2SO4 with 250 mol m-3 NH3SO3 and 190 mol m-3 B(OH)3.
An example of the temporal stability of the current response to potential cycling and reproducibility
of results after fresh mechanical polishing of the electrode are shown in Appendix C for solution (i).
The potentials of zero current, E’r, which are considered here to be the approximations of the equilib-
rium potentials for the H2 evolution reaction on Ni, in solutions (i), (ii) and (iii) are shown in Figure
5.2. These values were obtained from the kinetic measurements presented in Figure 5.1 and are com-
pared with the Nernst potentials for the H+/H2 couple in the pH range 1.5 - 4.5. The Nernst potentials
for the H+/H2 couple are given in Appendix B.
5.1.1 Effects of Solution Composition and bulk pH on the Equilibrium Potentials for Proton
Reduction
The trend in the potentials of zero current, measured in solutions (i)-(iii) versus bulk solution pH,
presented in Figure 5.2, showed that, in all three NiII-free solutions under investigation, the poten-
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tials of zero current were more positive than the Nernst potentials for the H+/H2 couple, and that
the discrepancies in all three cases increased with increasing bulk pH. Such discrepancies have been
previously observed in the experimental results of (Piatti et al. 1969). Furthermore, while the dis-
crepancies increased as the solution composition was extended to include more substances, the linear
regression lines, fitted to the data for the evaluated equilibrium potentials in solutions (i), (ii) and (iii)
as a function of pH, converged at pH 0.
A number of hypotheses may be made on the reasons for why the observed reversible potentials are
more positive than those calculated using the Nernst equation:
1. Interference from additional reactions
2. Catalysis of H+ reduction by anions
3. Variations in interfacial field as electrode potential approaches the pzc
4. Viscosity effects
5. Error in the reference electrode potential
The kinetics of dissolved oxygen reduction, which have hitherto been assumed negligible, were mea-
sured in the absence of H2 evolution in alkaline Na2CO3 solutions in the presence of (a) in-situ solution
sparging with N2 and (b) sparging with N2 only prior to the measurements, in order to evaluate the
possible contribution of O2 reduction on the measured H2 evolution currents; the results are shown
in Figure 9.3 in Appendix D. The current densities measured in both cases were subtracted from the
current densities measured in solution (ii) at pH 3.0 at 240 RPM in order to isolate the contribution
from oxygen reduction and observe any changes in the equilibrium potentials for H+ reduction. The
result of this manipulation is shown in Figure 5.3. When experimental data was corrected for maximal
O2 reduction the equilibrium potential was clearly visible; the equilibrium potential assumed a value
that was in better agreement with the Nernst potential. It is evident, however, that the discrepancy
between the observed reversible potential and the Nernst potential may not be accounted for by taking
O2 reduction alone into account.
Results in Figure 5.2 suggest that the addition of NH3SO3 catalysed H+ reduction kinetics; however,
the potentials of zero current measured in the absence of sulfamic acid were still positive of the Nernst
potentials. Catalysis is therefore an unlikely explanation. Furthermore, according to the literature,
catalysis of H+ reduction by sulfate ions is not a phenomenon that is typically observed. The addition
of boric acid was shown to have only a very slight affect on the observed potentials of zero current.
It has been reported in the literature that near the pzc the interfacial electric field can vary greatly
with the overpotential, which could modify the kinetics (Conway 1965). The pzc of ca. -0.5 V on
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Ni is, however, sufficiently far removed from the measured potentials of zero current and hence this
phenomenon is an unlikely explanation for the problem at hand.
The effects of changes in solution viscosity on the reversible potential as a result of additions of ex-
cess supporting electrolyte were observed during kinetic measurements of hexacyanoferrate(II)/(III)
oxidation / reduction, which are shown in Figure 9.6 in Appendix D. The effects of increasing viscos-
ity appeared to shift the reversible potential to more positive values very considerably. The reasons
for this observation are not clear; however, it was found through parameter estimation in gPROMS
that the kinetic rate coefficients for both the oxidation and reduction reactions were comparable in
magnitude to the mass transport rate coefficients, shown in Table 9.6 in Appendix D. In the case of
the HER, the kinetic rate constant for H+ reduction was evaluated to be kc1=2.24×10-7 mol cm-2 s-1
by (Saraby-Reintjes 1986) in 1 N H2SO4 as listed in Table 2.8 in Section 2.3.2.1, for example. In this
solution of pH 0, the kinetic rate coefficient, kc1×[H+], is 2.24×10-3 m s-1. While at pH 0 this value
is about an order of magnitude higher than the mass transport rate coefficients evaluated for protons
at various RDE rotation rates (Table 9.4, Appendix B), the kinetic rate coefficient will, conceivably,
decrease with increasing pH and become less comparable with the magnitude of the mass transport
rate coefficient, which would generate a trend that is reverse to the one observed in Figure 5.2; the
descrepancies would decrease rather than increase with increasing pH.
The integrity of the SCE RE (Cole-Parmer) potential was verified by checking for potential offset
relative to a second, brand new, identical RE. The potential difference was vitrually zero and could
not account for the observed discrepancies in potentials of zero current. Furthermore, if the RE was
faulty it would be expected that the discrepancies would be constant across the pH range studied.
In conclusion, the most likely explanation for the positive displacement of all measured reversible
potentials relative to the Nernst potentials is the coupled effect of current modification by the O2
reduction reaction and also the possible modifications of the solution viscocity by additions of more
supporting electrolyte.
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Figure 5.1: Cyclic voltammograms around the potentials of zero current at 60 RPM at 25oC in the
pH range 1.5 - 4.5 in three electrolytes: (i) Na2SO4, (ii) Na2SO4 with NH3SO3 and (iii) Na2SO4 with
NH3SO3 and B(OH)3
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5.1.2 Effect of Sulfamic acid on Proton Reduction Kinetics
The effect of sulfamic acid on H2 evolution rates in sulfate media was determined. Figure 5.4 shows a
comparison of the measured H2 kinetics in solutions (i) and (ii) in the potential range -0.9 ≤ E (SCE)
/ V ≤ E’r in the pH range 1.5 - 4.0.
The effect of sulfamic acid on H2 evolution kinetics in supporting sodium sulfate electrolyte, shown
in Figure 5.4, was virtually negligible in solution of bulk pH above 2.5.
Below bulk pH 2.5 the effects of two chemical equilibria are operative:
NH3S O3 ⇌ H+ + NH2S O−3 (5.1)
and
HS O−4 ⇌ H+ + S O2−4 (5.2)
As shown in the speciation diagram in Figure 2.9 in Section 2.2.2.1, the equilibrium of the dissociation
reaction in Equation 5.1 is at pH 1.0 and the equilibrium of the dissociation reaction in Equation 5.2
is at pH 2.0. Consequently, at bulk pH 1.5 the current densities measured in the presence of NH3SO3
were higher than those measured in the absence of the acid. At bulk pH 2.0 90 % of sulfamic acid is
dissociated; at bulk pHs of 2.0 and above, the current densities measured in the absence of NH3SO3
tended to be distinctly higher in the mass transport controlled regime, although the current densities
measured in solutions (i) and (ii) were virtually indistinguishable in the mixed control region.
The mass transport limited current densities obtained in the pH range 1.5 - 4.5 both in the absence
and presence of NH3SO3 are compared in Figure 5.5 as fractions of current densities predicted by the
Levich equation, where the value for the kinematic viscosity of H2O (10-6 m2 s-1) was used. Results
show that effects of acid dissociation may be neglected at pH above 2.5 in sulfate-only solutions and
at pH above 2.0 for sulfate solutions in the presence of sulfamic acid. This conclusion is made based
on the pH values at which the ratios ceased to vary with both the pH and RDE rotation rate. These
results are supported by the chemical equilibria of the two acids and also by the fact that solution (i)
contained more sulfate than solution (ii) because it had to be acidified with sulfuric acid; consequently,
more protons would have been released by equilibrium in Equation 5.2 in solution (i) than in solution
(ii) and that is why current densities are affected by this equilibrium more strongly than in solution
(ii).
On average, in the sulfate-only solution the mass transport limited proton reduction current density
was greater than the value predicted by the Levich equation by a factor of ca. 1.46 (calculated with a
standard deviation of 0.024). In sulfate solutions containing sulfamic acid, the mass transport limited
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current densities were typically greater than the Levich predictions by a factor of 1.34 (calculated with
a standard deviation of 0.013). As the ratios between the measured and predicted current densities
were ultimately constant over several orders of bulk H+ concentrations, the discrepancies between
the mass transport limited current densities measured in the absence and presence of NH3SO3 in bulk
pH above 2.5 cannot be attributed to the chemical equilibria in Equations 5.1 and 5.2. The mass
transport limited current densities were always higher than those predicted by the Levich equation
based on the H+ diffusion coefficient of (Vazquez-Arenas & Pritzker 2010a). Such observations have
been explained previously through the variations in the H+ diffusion coefficient in different media by
(Horkans 1979). To explain the results observed in the absence of NH3SO3 the diffusion coefficient
would need to be 1.75×10-8 m2 s-1 rather than 9.91×10-9 m2 s-1, which is not implausible. Given the
evident effect of the quantities of supporting electrolyte on the mass transport limited hexacyanofer-
rate(III) reduction current densities, presented in Appendix D, the difference in viscosities is the most
plausible explanation for why mass transport limited current densities measured in the presence of
250 mol m-3 NH3SO3 were slightly lower than in its absence.
In the kinetic region, currents measured in the absence of NH3SO3 deviated considerably from those
measured in the presence of NH3SO3, particularly at higher pHs where the measured currents were
lower. This is attributed to the ingress of dissolved O2 in the former case. As mentioned in Sec-
tion 4.1.1.2, all solutions, except for the solution which only contained Na2SO4, were continuously
sparged with N2 gas during experiments. In the only exception to this, the sparger was lifted out of
the solution and held above it during experiments; experiments on a freshly polished electrode began
at 60 RPM and so the effect of O2 ingress was stronger at higher rotation rates, as visible in Figure
5.4.
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Figure 5.4: Effect of 250 mol m-3 NH3SO3 on H2 evolution kinetics on a Ni RDE in 500 mol m-3M Na2SO4 media in the pH range 1.5 - 4.0 at 25oC.
. . . (500 mol m-3 Na2SO4, 240 RPM), –– (500 mol m-3 Na2SO4, 960 RPM)
. . . (500 mol m-3 Na2SO4 + 250 mol m-3 NH3SO3, 240 RPM), –– (500 mol m-3 Na2SO4 + 250 mol m-3 NH3SO3, 960 RPM)
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176
5.1.3 Effect of Boric Acid on Proton Reduction Kinetics
Figures 5.6 and 5.7 show the H2 evolution kinetics in solutions (ii) and (iii), respectively, in the pH
range 1.5 - 4.5, in the potential range -1.3 ≤ E (SCE) / V ≤ E’r and at rotation rates of 60, 240, 540 and
960 RPM. Linear regression lines for the H+ reduction curves are shown, as are the predictions for
the mass transport limited current densities based on the H+ diffusion coefficient of (Vazquez-Arenas
& Pritzker 2010a). A comparison between the H2 evolution kinetics obtained in solutions (ii) and (iii)
at 960 RPM in the pH range 1.5 - 4.5 in the potential range -1.3 ≤ E (SCE) / V ≤ E’r is shown in
Figure 5.8. Figure 5.9 shows the current densities measured in the presence of B(OH)3 expressed as
fractions of the current densities measured in its absence.
The effect of boric acid on H2 evolution kinetics in sulfate media is clearly visible in Figures 5.8 and
5.9 and is in agreement with observations reported in the literature; the presence of B(OH)3 had the
effect of decreasing the current densities measured in the mixed control H+ reduction regions and
enhancing the current densities measured in the post-mass transport control regions.
Decrease in measured currents in the mixed control H+ reduction region in the presence of B(OH)3
is explained in the literature as being due to adsorption of neutral boric acid molecules, causing a
decrease in the electroactive surface area available for H+ adsorption. According to Equation 2.104,
the coverage of a surface by neutral molecules is always maximal at the potential of zero charge of
the electrode. As discussed in Section 2.3.2.1, the pzc on Ni has been reported as -0.53 V (SCE)
(Compton & Hancock 1995), -0.5 V(SCE) (Conway & White 2002) and as -0.545 V (SCE) (Trasatti
1971). Figure 5.9 shows that the ratios between the currents measured in the absence and presence
of B(OH)3 go through a maximum at an average potential of ca. -0.48 V (SCE). Given the proximity
of this potential to the pzc it is arguable that current densities indeed decreased due to the fractional
occupation of the electroactive Ni electrode surface area by adsorbed B(OH)3.
It was proposed by (Vazquez-Arenas & Pritzker 2010a) that the extent of B(OH)3 adsorption is not
affected by the competition from the adsorption of H+. If this was the case, the ratios between the
current densities measured in the absence and presence of B(OH)3 would not vary with pH, unless the
surface coverage by Hads in solutions of higher pH are so small that surface coverage by additional
adsorbates does not affect it, in which case the ratios should decrease with increasing pH. Unfortu-
nately, no discernable trend can be extracted from the data presented in Figure 5.9 and so at present
no conclusion can be made regarding the hierarchy of competition for adsorption of B(OH)3 and H+.
From the data presented in Figure 5.9 a method for constructing a model to predict the kinetics of H2
evolution on Ni in the presence of B(OH)3 is proposed based on several observations:
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1. The potential dependence of the ratios between the currents measured in the presence and ab-
sence of B(OH)3 around the pzc followed a fairly uniform Gaussian distribution (albeit increas-
ingly skewed at more acidic pHs), where the ratio is greater than unity.
2. The width of the distribution about the pzc increases with decreasing pH
3. The kinetics of H2O reduction ultimately merge for all bulk pHs; the onset of H2O reduction
as a function of bulk pH in the presence of B(OH)3 occurs at electrode potentials at which the
ratios between the curents measured in the absence and presence of B(OH)3 fall below unity
More data is required in order to ascertain the widths of the Gaussian distributions, representing
the rates of decline in surface coverage by adsorbed B(OH)3 with potentials away frorm the Ni pzc.
Furthermore, the dependence of the magnitude of the maximum ratio between H+ reduction kinetics
at the Ni pzc measured in the absence and presence of B(OH)3 on B(OH)3 concentration has to be
ascertained through further experiments. With the above information to hand H2 evolution kinetics
obtained in sulfate / sulfamate media in the absence of B(OH)3 may be modified to predict the kinetics
in the presence of any amount of B(OH)3, by introducing the surface coverage by boric acid, θB with
appropriate parameters related to bulk pH and B(OH)3 concentration.
f (x) = 1
2piσ2
e− (x−µ)22σ2 (5.3)
Where σ2 is the width of the distribution and µ is the location of the distribution peak on the x axis.
By analogy,
θB = 12piσ2E e−
(E−Epzc)2
2σ2E (5.4)
The potentials at which H2O reduction onsets, Er, H2O(pH), have been calculated for bulk pH in the
range 1.5-4.5 based on the data presented in Figure 5.9 and are shown in Figure 5.10. Potentials
of H2O reduction onset show a linear dependence on bulk pH. Figure 5.10 also shows that at bulk
solution of ca. pH 5.0, H2 will most likely occur entirely by H2O reduction in the presence of 190
mol m-3 B(OH)3. The average Tafel coefficient for H2O reduction is calculated to be -7.6 V-1 (303
mV dec-1), based on the curve measured at bulk pH 4.5, although ln(j) does appear to increase with
overpotential at a decreasing rate, rather than linearly. In the potential range -1.2 ≤ E (SCE) / V ≤
EH2O, however, a linear slope may be assumed. It should be noted that the experimentally determined
H2O reduction Tafel slope of 303 mV dec-1 on Ni is considerably smaller than the value of -140 mV
dec-1 obtained by (Bockris et al. 1961) on Fe.
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Consequently, the kinetic expression for HER evolution becomes:
jH2
F
= − kc1e− α1FηHRT(1 + kc1 e− α1FηHRTkm,H+ )[H
+](1 − θH − θB) + ka1ΓH,maxθHe (1−α1)FηHRT
− kc2e− α2FηHRT(1 + kc2 e− α2FηHRTkm,H+ )[H
+]θH + ka2 pH2[H+](1 − θH − θB)e (1−α2)FηHRT + kc,H2Oe−7.6(E−Er,H2O) (5.5)
H2O is assumed not to be limited by a finite rate of mass transport.
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Figure 5.6: H2 evolution kinetics on a Ni RDE in 500 mol m-3 Na2SO4 and 250 mol m-3 NH3SO3 at rotation rates of 60, 240, 540 and 960 RPM at 25oC
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Figure 5.7: Effect of 190 mol m-3 boric acid on H2 evolution kinetics on a Ni RDE in 500 mol m-3 Na2SO4 and 250 mol m-3 NH3SO3 at rotation rates of
60, 240, 540 and 960 RPM at 25oC
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Figure 5.8: Dependence of H2 evolution kinetics on boric acid in the pH range 1.5 - 4.5 at a Ni RDE rotating at 960 RPM at 25oC
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Figure 5.9: Ratios between current densities obtained in the absence and presence of boric acid as functions of applied potential in solutions of bulk pH
1.5 - 4.5 at a Ni RDE rotating at 960 RPM at 25oC
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Figure 5.10: Potentials of H2O reduction onset as a function of bulk solution pH in solution containing 500 mol m-3 Na2SO4 and 250 mol m-3 NH3SO3
in the presence of 190 mol m-3 B(OH)3
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Figure 5.11 shows the Tafel coefficients of H+ reduction kinetics in solutions (ii) and (iii) in the pH
range 1.5 - 4.5 in the rotation range 60 - 960 RPM, computed by linear curve fitting in Microsoft
Excel.
Figure 5.12 shows H2 evolution kinetics at a Ni wire in the absence of forced convection in a solution
containing 250 mol m-3 NH3SO3 in the potential range -0.8 ≤ E (SCE) / V ≤ E’r.
All computed Tafel coefficients for kinetics shown in Figures 5.6, 5.7 and 5.12 are listed in Table 5.2.
5.1.4 Side-effects During Measurements
Two main phenomena may have exerted a strong effect on the H2 evolution kinetics measured on the
RDE system described in Section 4.1.1.2. The first is the possible dissolution of the Ni substrate.
In the absence of NiII, nickel is expected to dissolve at potentials more positive than -0.66 V (SCE)
(Appendix B). The second is the possible contamination of the Ni RDE surface by Pt from the adjacent
ring electrode during the polishing procedure.
As expected, the potentials of zero current were found to become less positive with decreasing H+
concentration; accordingly, during measurements of H2 evolution kinetics, the upper potential bound-
ary of the linear potential scans was lowered as the bulk pH of the solution was raised. As all linear
scans were initiated from the potentials of zero current, it follows that the effect of Ni dissolution
should, in principle, be most strongly observed in solution at pH 1.5, when the difference between the
potential of zero current and the potential of nickel dissolution is largest.
The occurence of nickel dissolution would have the effect of shifting the potentials of zero current to
more negative values than the Nernst potentials, as shown in Figure 5.13, rather than to more positive
values. From the data presented in Figure 5.2 there is no indication of shifts in the potentials of
zero current to values more negative than the Nernst potentials; in fact, the converse was observed,
indicating that Ni dissolution did not interfere with the measurements of H2 evolution kinetics. This
conclusion is also supported by the reproducibility of the initial scans conducted around the potentials
of zero current, shown in Appendix C; successive cyclic voltammograms would be expected to differ
as Ni would gradually passivate during dissolution in the absence of Cl- in solution.
The above conclusion, however, is not supported by the H+ reduction Tafel coefficients measured at
rotation rates of 60, 240, 540 and 960 RPM in solutions (i), (ii) and (iii) in the pH range 1.4 - 4.5,
shown graphically in Figure 5.11 and listed in Table 5.2. The Tafel coefficients show an exceptional
dependence on RDE rotation rates, increasing with decreasing rotation rates. This is an unexpected
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finding since Tafel coefficients should not display such a dependence. Such an observation can only
be attributed to the influence of anodic Ni dissolution currents, which affected the data most strongly
at lower RDE rotation rates.
Contamination of the Ni RDE surface by Pt is a strong possibility if the data presented in Figure 5.8 is
compared with the H2 kinetics measured on a Ni wire, shown in Figure 5.12. The H+ reduction Tafel
coefficients measured on a Ni wire were in much better agreement with the typical Tafel coefficients
of ca. - 20 V-1 reported in the literature. The Tafel coefficients on the Ni RDE were found to be
as high as -80 V-1 at bulk pH 1.5, decreasing linearly with pH to values of ca. -20 V-1 at bulk pH
4.5. The Tafel coefficients obtained at the more acidic solution pHs were extremely high compared
to the Tafel slopes for H+ reduction reported in the literature, for example the -113 mV dec-1 (-20.38
V-1) reported on Fe by (Bockris et al. 1961) and -120 mV dec-1 (-19.19 V-1) reported on Ni by (Piatti
et al. 1969). As discussed in Section 2.3.2.1, the overpotentials required to drive the HER on Pt
and Ni can differ by ca. 0.4 V, with ca. 0.1 V required to drive the reaction on Pt and 0.5 V on Ni
(Compton & Hancock 1995). The kinetics obtained on a Ni wire match this general rule far better
than the kinetics observed on the Ni RDE, leading to the conclusion that contamination of the Ni RDE
surface is a strong possibility. While Pt contamination would decrease Tafel coefficients, epoxy from
the insulation might be expected to to have the opposite effect, if it was adsorbed on Ni.
In conclusion, it is indeed possible that the H2 evolution kinetics measured on a Ni RDE are affected
both by dissolution of the electrode and contamination of the Ni surface by Pt particles rubbed off
the ring electrode during the polishing procedure. The influence of Ni dissolution is the lesser of the
problems since, in principle, the kinetic terms representing dissolution may be added to the overall
kinetic expression for H2 evolution and the additional dissolution parameters may be estimated. The
effect of Pt contamination, however, is most damaging since the estimated parameters will not repre-
sent the kinetics on Ni and hence will not be of use in predicting the kinetics of H2 evolution during
the reduction of NiII.
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Figure 5.11: Tafel coefficients for H+ reduction on a Ni RDE in 500 mol m-3 Na2SO4 and 250 mol m-3 NH3SO3 in the absence and presence of 190 mol
m-3 B(OH)3 at rotation rates of 60, 240, 540 and 960 RPM at 25oC
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Figure 5.12: H2 evolution kinetics on a Ni wire electrode in the pH range 1.5 - 4.0 in (solution composition) in the absence of forced convection
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TAFEL COEFFICIENTS / V-1
Ni RDE Ni wire
60 RPM 240 RPM 540 RPM 960 RPM
No forced
convenction
Bulk pH no B(OH)3 with B(OH)3 no B(OH)3 with B(OH)3 no B(OH)3 with B(OH)3 no B(OH)3 with B(OH)3 with B(OH)3
1.5 -77.98 -69.29 -69.41 -62.95 -65.39 -61.50 -57.20 -53.31 -16.00
2.0 -70.03 -58.66 -65.34 -54.74 -58.75 -50.01 -49.44 -39.80 -17.67
2.5 -63.29 -52.02 -57.00 -44.12 -51.44 -36.22 -44.61 -27.53 -15.19
3.0 -55.63 -50.46 -49.26 -44.38 -43.51 -34.62 -37.66 -32.42 -18.02
3.5 -43.50 -38.24 -40.48 -37.92 -36.06 -29.60 -30.56 -21.61 -27.25
4.0 -30.98 -30.36 -31.52 -28.71 -32.35 -28.16 -28.36 -23.77 -28.71
4.5 -22.14 -11.67 -17.93 -11.44 -18.59 -14.55 -16.72 -10.26
Table 5.2: Tafel coefficients for H+ reduction at a Ni RDE in a solution containing 500 mol m-3 Na2SO4 and 250 mol m-3 NH3SO3 in the absence and
presence of 190 mol m-3 B(OH)3
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Figure 5.13: Theoretical modification of potential of zero current during H2 evolution by substrate oxidation
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5.1.5 Conclusions
Kinetics of H2 evolution have been measured on a Ni RDE in sodium sulfate media in the absence
and presence of sulfamic acid and boric acid. Data was collected in solutions of pH 1.5, 2.0, 2.5, 3.0,
3.5, 4.0 and 4.5 in the potential range -1.2 ≤ E (SCE) / V ≤ E’r, where E’r was the experimentally
determined pH-dependent potential of zero current. Potentials of zero current were found to deviate
from the Nernst potentials increasingly with increasing pH. To an extent this could be explained by
the interference from the dissolved O2 reduction reaction, which was more rigorous than expected in
the presence of continuous N2 sparging. Hypothetically, a proportion of the remaining discrepancy
may be attributed to viscosity effects, which were found to affect the reversible potentials of the
hexacyanoferrate(III)/(II) reduction / oxidation kinetics.
A modification of the H+ diffusion coefficient from 9.91×10-9 m2 s-1 to 1.75×10-8 m2 s-1 was required
to explain the measured mass transport limited H+ diffusion current densities; a discrepancy which
could not be explained using chemical equilibria.
The presence of sulfamic acid was not found to affect the kinetics of H2 evolution except at the bulk
pHs at which it dissociates into sulfamate, releasing additional protons.
Boric acid was found to reduce the H2 evolution rates most strongly at the pzc, confirming an adsorp-
tion effect. From the graph of the H2 evolution current in the absence of boric acid as a fraction of
the current measured in the presence of boric acid, it was evident that the decrease in the extent of
boric acid adsorption was mirrored about the pzc in such a way that could potentially be modelled as
a function of potential and pH for various bulk boric acid concentrations. The presence of boric acid
was also found to considerably accelerate the onset of H2O reduction; the potentials of the reduction
onset were found to decrease linearly with bulk pH. The H2O reduction Tafel coefficient was found
to be ca. -7.6 V-1.
The exceptionally high Tafel slopes measured on the Ni RDE in all solutions were attributed to an
unfortunate contamination of the Ni surface by Pt from an adjacent ring disk. Thus, the measured H2
evolution current densities were characteristic of a Ni/Pt surface whereas boric acid shows levels of
adsorption characterictic of a Ni electrode (maximum adsorption at the pzc of Ni at -0.5 V rather than
at the pzc of Pt at -0.225 V (SCE) (Trasatti 1971)) but Tafel slopes are characteristic of a Pt surface.
For this reason the experimental data was not fitted to a model; kinetic parameters derived based on
these experimental results will not appropriately represent H2 evolution kinetics during NiII reduction.
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5.2 Simultaneous Nickel(II) Reduction and Hydrogen Evolution Kinetics
Figure 5.14 shows the very first reduction curves measured on a freshly polished Ni RDE surface at
various electrode rotation rates at bulk pH 2.0 and in the presence of 250 mol m-3 NiII. The first curve
obtained at 240 RPM is compared with the subsequent cyclic voltammograms, which were measured
on the newly deposited nickel layers and with the H2 evolution curve in the absence of NiII in Figure
5.14b.
Figure 5.15 shows successive cyclic voltammograms obtained in a pH 3.0 solution containing 750
mol m-3 NiII in the potential range EL ≤ E (SCE) / V ≤ E’r where EL is decreased from -0.4 V(SCE)
down to -1.2 V (SCE) in decrements of -0.1 V.
Figure 5.16 shows the very first reduction curves on a freshly polished Pt RDE surface at various bulk
solution pHs and in the presence of various NiII concentrations at 960 RPM. The difference between
the first and subsequent voltammograms, which were measured on the newly nucleated nickel, are
shown in Figure 5.17 for pH 2.0 in the presence of 1250 mol m-3 NiII and pH 3.0 in the presence of
500 mol m-3 NiII.
5.2.1 Nucleation of Ni
Nucleation of the first Ni monolayer on a bulk Ni substrate was evident from the results of succes-
sive voltammograms on a Ni RDE. The current densities measured during the fist negative-going
scan were nearly identical to the current densities measured in the absence of NiII. Following Ni nu-
cleation, which exhibited rotation-dependent current peaks shown in Figure 5.14a, the currents were
significantly modified, as shown in Figure 5.14b. Figure 5.15 shows a study of nickel nucleation on Ni
using cyclic voltammetry between a fixed upper potential boundary but with successive decrements
of -0.1 V to the lower potential boundary. Although the current densities measured during cathodic-
going scans were always larger than those measured on the return scans due to hysteresis, the most
significant difference was observed after the nucleation of nickel, which, based on the data taken in
the presence of 750 mol m-3 NiII in pH 3.0 solution at 960 RPM, occured between electrode potentials
of -0.8 and -0.9 V (SCE). For comparison with these results, voltammograms were also performed on
a Pt RDE.
Figure 5.17 shows the H2 evolution current densities measured on a freshly polished Pt surface at
various solution pHs and in the presence of various NiII concentrations, but prior to Ni nucleation.
The results were very similar to the H2 evolution current densities measured on a Ni RDE which were
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discussed in Section 5.1; the overpotentials required to drive hydrogen evolution were also of the
order of 0.1 V. The presence of NiII had virtually no effect on the HER kinetics except for slightly de-
creasing the mass transport limited H+ reduction current densities due to viscosity changes. However,
the current densities measured post-Ni nucleation were significantly decreased in a manner that was
identical to the behaviour of the currents observed on the Ni RDE, as shown in Figure 5.17. These
observations confirm that the H2 current densities measured on a Ni RDE in the absence of NiII were
indeed affected by the presence of platinum and only after nucleation of Ni in the presence of NiII did
the contamination cease to be important. Consequently, all the nickel(II) reduction kinetics presented
henceforth were measured on the last negative-going scan of three voltammograms performed during
every experiment, by which point the measured currents were stable and reproducible.
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Figure 5.15: Successive voltammograms with decrements of 0.1 V to the lower potential boundary at a Ni RDE at 960 RPM in bulk pH 3.0 and at [NiII]
= 750 mol m-3 at 25oC
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(b) H2 kinetics in 500 mol m-3 NiII
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(c) H2 kinetics in 800 mol m-3 NiII
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Figure 5.16: H2 evolution current densities as a function of bulk solution pH at a Pt RDE in the
presence of varying quantities of NiII and prior to Ni nucleation at 25oC
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Figure 5.17: Modification of H2 evolution kinetics at a Pt RDE following the nucleation of Ni at 960
RPM at 25oC
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5.2.2 Reduction Kinetics in the Presence of Nickel(II)
Figures 5.18 - 5.32 show the various results which describe the NiII reduction kinetics on a Ni RDE
and on an Au EQCM with reference to their dependence on pH, NiII concentration, applied electrode
potential and mass transport conditions.
Figures 5.18, 5.19, 5.20, 5.21, 5.22 and 5.23 show the overall measured kinetics of NiII, H+ and H2O
reduction on a Ni RDE in the potential range -1.2 ≤ E (SCE) / V ≤ E’r, where E’r was determined as
a function of pH in the absence of NiII, in solutions of bulk pH 2.0, 2.5, 3.0, 3.5, 4.0 and 4.5, respec-
tively, at 960 RPM. The presented data were measured during the last of three cyclic scans that were
performed at a scan rate of 10 mV s-1 during every experiment. Each figure shows the superimposed
kinetics obtained in solutions containing 0, 10, 100, 250, 500, 750 and 1000 mol Ni(NH2SO3)2 m-3
in a supporting electrolyte of 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3 and 190 mol m-3 B(OH)3.
Mass transport rates predicted by the Levich equation at each NiII concentration were superimposed
on the data, as well as the Nernst potentials. Finally, the Tafel lines fitted to each curve are shown.
The appearance of the deposit typically obtained during these experiments is shown in Figure 5.24.
Figure 5.25 shows the effect of bulk solution pH in the range 2.0 - 4.5 on the overall kinetics at
Ni(NH2SO3)2 concentrations of 10, 100 and 1000 mol m-3 at 960 RPM. Figure 5.26 shows the ef-
fect of electrode rotation rates on the overall kinetics measured in bulk solution of pH 3.5 at NiII
concentrations of 100 and 500 mol m-3.
Figure 5.27 shows the Tafel coefficients evaluated for two distinct regions of the overall kinetics
measured at 960 RPM as functions of NiII concentration and bulk solution pH.
Table 5.4 lists the magnitudes of the Tafel coefficients, shown graphically in Figure 5.27; also listed
are the potentials at the which the two linear equations representing the two linear sections of each
kinetic curve intersect. Finally, the discrepancies between the intersection potentials and the Nernst
potentials for each curve are given. These discrapancies are assumed to be the overpotentials required
to initiate bulk Ni deposition.
The overpotentials required to initiate bulk Ni deposition are shown in Figure 5.28 as a function of
NiII concentration and pH. Furthermore, the average of these overpotentials at each NiII concentration
over all bulk solution pHs are shown in Figure 5.29.
Figure 5.30 shows the current and frequency responses to multiple cycling in the potential range -0.05≤ E (Ag/AgCl) / V ≤ 0.3 on an Au EQCM in the presence of 100 mol NiII m-3 at pH 3.0, performed
to verify stability of frequency measurements.
197
Figure 5.31 shows the current and frequency responses to multiple cycling in the potential range -0.8≤ E (Ag/AgCl) / V ≤ 0.3 on an Au EQCM in the presence of 1000 mol NiII m-3 at pH 3.0, performed
to identify the potential at which Ni deposition onsets.
Figure 5.32 presents a comparison between current and frequency responses at an Au EQCM in the
range -0.8 ≤ E (Ag/AgCl) / V ≤ 0.3 in the presence of 100 and 1000 mol m-3 NiII at bulk pH 3.0.
The following observations have been made based on the collected data:
1. Potentials of zero current obtained in the pH range 2.0 - 4.5 in the absence of NiII were not
modified by the presence of NiII, regardless of concentration;
2. Kinetics displayed two distinct linear regions on the graphs of ln(j) versus electrode potential,
presented in Figures 5.18 - 5.23: region ”A” with very low slopes in the region of c.a -0.5 ≤ E
(SCE) / V ≤ E’r at the lower pHs and ca. -0.6 ≤ E (SCE) / V ≤ E’r at higher pHs and region ”B”,
which exhibited higher slopes, typically in the potential range ca. -1 ≤ E (SCE) / V ≤ -0.8.
3. The slopes of Region ”A” were not affected by NiII concentration, as shown most convincingly
in Figures 5.19, 5.21 and 5.22;
4. There was no evidence that nickel reduction kinetics increase with increasing pH in a manner
that has been proposed in most of the literature on the subject; the measured current densities
were always higher in solutions of more acididc pH, as shown in Figure 5.25;
5. The gradients of curves in region ”B” increased with increasing NiII concentration;
6. The effect of increase of bulk pH typically resulted in a decrease in the slopes of region ”B”;
the effect was much stronger in less concentrated NiII solutions, while the slopes were virtually
unchanged by the pH in the presence of 1000 mol m-3. This is also visible in Figure 5.25.
7. Beyond region ”B”, i.e. at potentials negative of ca. -1 V (SCE), current densities began to
decrease at a decreasing rate;
8. The magnitudes of the current densities measured at the lower potential bondary of the CV
scans of -1.2 V (SCE) were typically much lower than the mass transport limited current den-
sities predicted for NiII concentrations in the range 100-1000 mol m-3, while the mass transport
limited NiII reduction current densities in the presence of 10 mol NiII m-3 were always totally
obscured by the H+ / H2O reduction reactions, which were, in turn, indistinguishable from each
other;
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9. The different RDE rotation rates imposed during kinetic measurements affected the kinetics in
region ”A” only, as shown in Figure 5.26; the effects are attributed entirely to the reduction of
dissolved O2;
10. The intersection potentials of the linear regression lines for regions ”A” and ”B” formed a trend
with respect to NiII concentrations, as shown in Figure 5.29, and corresponded to the potentials
of bulk nickel deposition onset, as verified by EQCM results;
11. The potential of bulk Ni deposition appears to have been affected by NiII concentration to a
much lesser extent than the dissolution potentials, as shown in Figure 5.32
12. All Ni deposits obtained during the cyclic voltammetry procedure were adherent and coherent,
as shown in Figure 5.24, and did not display signs of passivation which are usually manifested
in a dull and non-reflective appearance.
The Tafel coefficients evaluated for regions ”A” and ”B” of the kinetic curves presented in Figures
5.18 - 5.23 are listed in Table 5.4 and are shown graphically in Figures 5.27a and 5.27b, respectively.
The Tafel coefficients of region ”A” show no discernable dependence on nickel(II) concentration and
so the current densities measured there are attributed to H+ reduction. The currents, however, system-
atically decreased in magnitude with the addition of more NiII. This is attributed to the concentration-
dependent adsorption of NiII at the electrode and its blockage of surface sites that would otherwise be
avaliable for H+ reduction. Nickel(II) adsorption is, however, not very probable at potentials positive
of the Ni pzc. However, sulfamate may conceivably, much like chloride ions, specifically adsorb on
the fresh layers of Ni and form an electrostatic bridge between the surface and nickel(II) ions. Such
effects were not observed on a Pt electrode but perhaps the adsorption of sulfamate does not take place
on Pt as readily as it does on Ni.
The Tafel coefficients evaluated in regions ”B” of all the curves were found to increase with increasing
nickel(II) concentration. In solutions of bulk pHs 2.0 and 2.5 the concentration dependence appears
to be linear but at higher pHs the dependence is found to be logarithmic. The slopes increase with
decreasing bulk pH, indicating that they comprise both the NiII reduction and H2 evolution kinetics;
however, the distinction is difficult to make without reliable measurements made on Ni in the absence
of NiII.
As the kinetics measured in regions ”A” and ”B” showed either primary or secondary dependence on
nickel(II) concentration, it was considered that perhaps the potentials at which the linear regression
lines of the two regions intersect will represent the potentials at which nickel deposition onsets. These
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intersection potentials were evaluated for all the curves and are presented together with the Nernst po-
tentials in Figure 5.29; the values are listed in Table 5.4 under the heading Eβ(A)×β(B). The differences
between these potentials and the Nernst potentials are also listed in Table 5.4 and are presented graph-
ically in Figure 5.28. The overpotential typically required to drive nickel(II) reduction is on average
ca. -0.25 V for the more concentrated solutions.
Experiments using the electrochemical quartz crystal microbalance were conducted using pH 3.0
solutions containing 100 and 1000 mol m-3 NiII. At this pH and for both concentrations the potential
of bulk Ni deposition onset was predicted to be -0.74 V (SCE) (-0.787 V (SSCE)), based on the
intersection potentials of the linear regression lines for reagions ”A” and ”B” of the kinetic curves
obtained on a Ni RDE. This value compared well with the observations of the change in the frequency
response of the EQCM, shown in Figures 5.31a and 5.31b for the two solutions.
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Figure 5.18: Total NiII reduction and H2 evolution kinetics on a Ni RDE in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3, 190 mol
m-3 and with Ni(NH2SO3)2 in the concentration range 0 - 1000 mol m-3 at pH 2.0, temperature 25oC and RDE rotation rate of 960 RPM
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Figure 5.19: Total NiII reduction and H2 evolution kinetics on a Ni RDE in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3, 190 mol
m-3 and with Ni(NH2SO3)2 in the concentration range 0 - 1000 mol m-3 at pH 2.5, temperature 25oC and RDE rotation rate of 960 RPM
202
-4
-3
-2
-1
0
1
2
3
4
5
6
7
8
9
10
-1.3 -1.2 -1.1 -1 -0.9 -0.8 -0.7 -0.6 -0.5 -0.4 -0.3
ln
[ 
C
u
rr
e
n
t 
d
e
n
s
it
y
, 
 j
  
/ 
 A
m
-2
]
Electrode potential,  E (SCE)  /  V
-4
-3
-2
-1
0
1
2
3
4
5
6
7
-1.3 -1.2 -1.1 -1 -0.9 -0.8 -0.7 -0.6 -0.5 -0.4 -0.3
ln
[ 
C
u
rr
e
n
t 
d
e
n
s
it
y
, 
 j
  
/ 
 A
m
-2
]
Electrode potential,  E (SCE)  /  V
Region  B
Region  A
Measured data Mass transport prediction Er (Nernst)
0 10 100 250 500 750 1000[NiII]  /  mol m-3:
Figure 5.20: Total NiII reduction and H2 evolution kinetics on a Ni RDE in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3, 190 mol
m-3 and with Ni(NH2SO3)2 in the concentration range 0 - 1000 mol m-3 at pH 3.0, temperature 25oC and RDE rotation rate of 960 RPM
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Figure 5.21: Total NiII reduction and H2 evolution kinetics on a Ni RDE in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3, 190 mol
m-3 and with Ni(NH2SO3)2 in the concentration range 0 - 1000 mol m-3 at pH 3.5, temperature 25oC and RDE rotation rate of 960 RPM
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Figure 5.22: Total NiII reduction and H2 evolution kinetics on a Ni RDE in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3, 190 mol
m-3 and with Ni(NH2SO3)2 in the concentration range 0 - 1000 mol m-3 at pH 4.0, temperature 25oC and RDE rotation rate of 960 RPM
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Figure 5.23: Total NiII reduction and H2 evolution kinetics on a Ni RDE in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3, 190 mol
m-3 and with Ni(NH2SO3)2 in the concentration range 0 - 1000 mol m-3 at pH 4.5, temperature 25oC and RDE rotation rate of 960 RPM
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Figure 5.24: The appearance of a nickel deposit on a Ni RDE after three successive voltammetric scans in the potential range -1.20 ≤ E (SCE) / V ≤ -0.32
in solution of bulk pH 2.0 and in the presence of 250 mol m-3 NiII
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Figure 5.25: Effect of bulk solution pH in the range 2.0 - 4.5 on the overall kinetics of NiII reduction
and H2 evolution on a Ni RDE at 25oC and 960 RPM for (a) [NiII] = 10 mol m-3, (b) [NiII] = 100 mol
m-3 and (c) [NiII] = 1000 mol m-3
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Figure 5.26: Overall kinetics of NiII and H+ reduction in bulk solution pH of 3.5 on a Ni RDE as a
function of RDE rotation rate at 25oC
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Figure 5.27: NiII concentration effect on Tafel coefficients corresponding to kinetic regions ”A” and ”B” in Figures 5.10 - 5.15
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Bulk pH
[NiII]
mol m-3
β ”A”
V-1
β ”B”
V-1
Eβ(A)×β(B)
V
Er,Ni2+/Ni0
V
∆E [Eβ(A)×β(B) - Er,Ni2+/Ni0]
V
pH 2.0
100 -3.32 -23.07 -0.71 -0.52 -0.20
250 -3.45 -23.85 -0.72 -0.50 -0.22
500 -4.59 -25.47 -0.74 -0.49 -0.24
750 -4.73 -27.69 -0.74 -0.49 -0.25
1000 -2.28 -29.45 -0.72 -0.49 -0.23
pH 2.5
100 -3.29 -19.81 -0.75 -0.52 -0.23
250 -3.87 -21.46 -0.75 -0.50 -0.24
500 -3.88 -24.45 -0.75 -0.49 -0.26
750 -3.40 -27.32 -0.75 -0.48 -0.26
1000 -3.62 -28.69 -0.75 -0.49 -0.26
pH 3.0
100 -3.45 -16.32 -0.74 -0.52 -0.23
250 -3.97 -19.62 -0.77 -0.50 -0.26
500 -4.27 -22.73 -0.73 -0.49 -0.23
750 -3.64 -25.41 -0.77 -0.49 -0.28
1000 -1.96 -26.88 -0.74 -0.49 -0.25
pH 3.5
100 -3.58 -14.07 -0.75 -0.52 -0.24
250 -4.48 -19.32 -0.78 -0.50 -0.28
500 -3.87 -22.55 -0.77 -0.49 -0.28
750 -3.07 -23.29 -0.75 -0.49 -0.26
1000 -2.94 -25.13 -0.74 -0.49 -0.26
pH 4.0
100 -3.24 -15.83 -0.81 -0.52 -0.30
250 -3.11 -19.38 -0.79 -0.50 -0.29
500 -2.74 -21.69 -0.77 -0.49 -0.28
750 -2.44 -22.94 -0.75 -0.49 -0.26
1000 -2.19 -24.42 -0.74 -0.49 -0.26
pH 4.5
100 -2.61 -17.89 -0.83 -0.52 -0.31
250 -2.52 -20.17 -0.79 -0.50 -0.29
500 -2.08 -23.01 -0.77 -0.49 -0.27
750 -2.73 -23.63 -0.76 -0.49 -0.28
1000 -1.99 -24.16 -0.76 -0.49 -0.27
Table 5.4: Tafel coefficients of the overall NiII and H+ reduction kinetic curves measured on a Ni RDE
at 960 RPM and at 25oC in a solution containing 500 mol m-3 Na2SO4, 250 mol m-3 NH3SO3 and 190
mol m-3 B(OH)3
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Figure 5.28: Potential separation between the potentials on Ni bulk deposition onset and the Nernst
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Figure 5.29: pH independent effects of NiII concentration on the electrode potentials at which bulk Ni
deposition begins
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Figure 5.30: Kinetic and frequency response of an Au EQCM during stabilisation cyclic voltammo-
grams in the potential range -0.05 ≤ E (Ag/AgCl) / V ≤ 0.30 at bulk pH 3.0
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Figure 5.31: Kinetic and frequency response of an Au EQCM during multiple potential cycles in the
range -0.80 ≤ E (AgCl/Ag) / V ≤ 0.30 at bulk pH 3.0
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5.2.3 Nickel(II) Reduction Current Efficiencies
Figure 5.33 shows the current and frequency responses as well as the calculated NiII reduction current
efficiencies during individual and separately measured full potential cycles in the range -1.2 ≤ E
(Ag/AgCl) / V ≤ -0.35 on a Ni coated Au EQCM in the presence of 100 mol m-3 and 1000 mol m-3
at bulk pH 3.0. Nickel(II) reduction efficiencies were evaluated as a function of electrode potential
based on the measured quantities of charge passed during measurements; measurements were made
in single potential cycles only as the EQCM cell could only hold 3 cm3 of solution and it was thought
that the pH and NiII concentration may change sufficiently during the first cycle so as to give different
results in the subsequent cycle.
Figure 5.34 presents a comparison between the calculated NiII reduction current efficiencies as func-
tions of electrode potential during the cathodic- and anodic-going scans in the presence of 100 and
1000 mol m-3 NiII at bulk pH 3.0.
Figure 5.35 shows a comparison of kinetics measured on a Ni RDE and on an Au EQCM in the
presence of 100 and 1000 mol m-3 NiII at bulk pH 3.0. The figure also shows the partial NiII reduction
current density on an Au EQCM as calculated from the current efficiency values.
All efficiency calculations were made during Ni deposition on a Ni coated Au surface, shown in Figure
5.36. With the Ni coating pre-deposited during a single linear sweep scan between -0.35 V (AgCl/Ag)
and -1.2 V (AgCl/Ag), it was expected that the measurements made in all subsequent CV scans would
be similar for the cathodic-going and anodic-going sweeps. On the contrary, however, the efficiencies
measured during the cathodic-going scans varied greately from the measurements made on the return
sweep.
The current efficiencies evaluated for the cathodic-going potential sweeps were indicative of a nucle-
ation process. At potentials positive of ca. -0.7 V (AgCl/Ag) the noise levels were too high to permit
reliable evaluations of nickel(II) reduction current efficienies. Current efficiency minima of ca. 25 %
were observed a potentials of ca. -0.8 and -0.65 V (AgCl/Ag) (Figure 5.34) in solutions containing
100 and 1000 mol NiII m-3, respectively. Subsequently, efficiencies increased to steady values of 72.5
% and 77.8 % in solutions containing 100 and 1000 mol NiII m-3, respectively. Potentials at which
nickel(II) reduction current efficienies reached steady values were assumed to represent potentials at
which nickel(II) reduction became limited by mass transport. These potentials were, in fact, ca. -1.1
V in both solutions. It would not have been possible to make such a conclusion from the experiments
on an RDE alone, as the mass transport limited NiII reduction current densities were totally obscured
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by the HER kinetics. It should be noted that the discontinuities in both curves visible at ca. -0.8
V (AgCl/Ag) were most likely caused by the response of the EQCM to external noise and did not
represent real surface phenomena.
The efficiencies measured on the return sweeps in the potential region -1.2 ≤ E (AgCl/Ag) ≤ -0.35 in
both solutions remained absolutely constant over the entire potential region. In spite of the fact that
no nickel deposition was detected at potentials positive of -0.7 V (AgCl/Ag) in either solution when
the potential region of -0.8 ≤ E (AgCl/Ag) ≤ +0.3 was examined, the dissolution potentials in the two
solutions were found to be ca. -0.25 V (100 mol NiII m-3) and -0.2 V (AgCl/Ag) (1000 mol NiII m-3),
as may be observed in Figure 5.32. This is indicative of quasi-reversible kinetics.
It is puzzling that when the solution was replaced the efficienies still passed through a sharp dip on the
cathodic-going scan. There are, conceivably, two possible explanations for this. The first is that during
the replacement of solution between scans the surface of the Ni coating underwent a crystallographic
reconstruction, which modified the kinetics until a fresh Ni monolayer was laid down. This process
in described in (Christensen & Hamnett 1994). The possibility, albeit less likely, is that pH of the
solution rose so considerably during the cathodic-going scan so as to greatly raise the NiII reduction
current efficiency and maintain it on the cathodic-going scan.
The current densities measured on the Au EQCM as a function of electrode potential were re-
calculated with respect to an SCE RE and overlaid together with the corresponding NiII reduction
current efficiencies and partial current densities over the kinetic measurements made on a Ni RDE.
Interestingly, in the case of both the 100 and 1000 mol NiII m-3 solutions the partial NiII current den-
sities obtained through the EQCM experiments matched the RDE results much better than the total
measured current density. The RDE data and partial Ni EQCM data matched most closely in the
potential range -0.8 ≤ E (SCE) / V ≤ -0.4 ; at more negative potentials the current densities, as well as
the Tafel coefficients of region ”B”, measured on the EQCM were higher than those measured on the
RDE, despite the absence of convective mass transport in the former case. There were no differences
between the solution compositions used for the RDE and EQCM experiments; it is unlikely that the
pH dropped during EQCM experiments so as to greatly increase the H2 evolution current densitis.
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Figure 5.33: Comparison between the calculated NiII reduction current efficiencies based on kinetic and frequency response data measured on a Au
EQCM in the presence of 100 and 1000 mol m-3 NiII at bulk pH 3.0 in the potential range -1.20 ≤ E (AgCl/Ag) / V ≤ -0.35
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Figure 5.35: Comparison between kinetic measurements on a Ni RDE at various rotation rates and a
Ni coated Au EQCM in the absence of forced convection at bulk pH 3.0
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Figure 5.36: A bare and a Ni coated Au EQCM
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5.2.4 Nickel Sulfamate Eﬄuent Reduction Kinetics
Figure 5.37 shows the overall kinetics measured on a Ni RDE when two different nickel sulfamate
eﬄuents were used as the electrolytes; these measurements are superimposed onto kinetics obtained
in synthetic solutions of similar nickel(II) content and bulk pH.
Reduction kinetics were measured in eﬄuent samples No. 1 and No. 2 (Appendix A) and compared
with reduction kinetics in synthetic nickel sulfamate solutions. The two eﬄuents differ in their con-
tents of NiII and of Fe. As can be seen from the list of eﬄuent compositions in Table 9.1 in Appendix
A, eﬄuent No. 1 contains only ca. 3 mol m-3 more iron than eﬄuent No. 2. Nevertheless, this rela-
tively small difference in concentrations results in extremely different UV spectra, as shown in Figure
9.1 in Appendix A, and different kinetics, as shown in Figure 5.37a for eﬄuent No. 2 and in Figure
5.37b for eﬄuent No 1.
The kinetics measured in eﬄuent No. 2, which contained 2071 mol m-3 NiII and 0.86 mol m-3 Fe were
nearly identical to the kinetics obtained in the synthetic NiII solution containing 1000 mol m-3 NiII in
the absence of Fe. These results show that in spite of the total exclusion of chloride from the synthetic
solutions, the kinetics presented in Figures 5.18 - 5.23 are a very good representation of nickel(II)
reduction kinetics in industrial eﬄuent solutions containing less than 1 mol m-3 Fe.
The kinetics measured in eﬄuent No. 1, which contained 850 mol m-3 NiII and 4.94 mol m-3 Fe, how-
ever, only vaguely began to resemble the kinetics measured in the synthetic nickel sulfamate eﬄuent
containing 750 mol m-3 NiII at potentials negative of -0.7 V (SCE). At more positive potentials, the
current density measured in the eﬄuent did not vary with potential but remained constant up to -0.3
V (SCE). In order to investigate the kinetics at potentials more positive than -0.3 V (SCE) a 5 mm
diameter GC RDE was employed (Model E2 (GC), Pine Instrument Company, Raleigh, NC, USA).
Kinetics measured at pH 1.85 in the presence of 3.72 mol m-3 FeIIICl3 but in the absence of NiII are
shown in Figure 5.38 and are compared with the kinetics of O2 reduction in alkaline Na2CO3 solution.
The measurements were clearly unaffected by O2 reduction. The reduction kinetics of FeIII exhibited
a fairly flat plateau in the potential range -0.9 ≤ E (SCE) / V ≤ -0.3; the data was not greatly affected
by H2 evolution because on GC all kinetics are, in general, very slow and the measured plateau should
have had a value of ln(j) = ca. 5.9 if it corresponded to mass transport limited H+ reduction at pH
1.85.
The potential of zero current for O2 reduction on GC was shifted by ca. -0.215 V relative to the value
measured on Ni at the same pH (Figure 9.3). Given this shift in potential, its is conceivable that the
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potential of zero current for the FeIII curve was also shifted during the masurements on GC, in which
case the potential of ca. +0.19 V (SCE) visible in Figure 5.38 might correspond to ca. +0.4 V (SCE)
if it were measured on Ni. A potential of +0.4 V (SCE) corresponds to the reversible potential for
reaction in Equation 5.6 at a pH of ca. 1.63. It is also possible that Reaction 5.7 was operative.
Fe2O3 + 6H+ + 2e− Ð→ 2Fe2+ + 3H2O (5.6)
Fe(OH)3 + 3H+ + e− Ð→ Fe2+ + 3H2O (5.7)
At 3.72 mol m-3 at an RDE rotation rate of 240 RPM, the mass transport limited FeIIICl3 reduction
current density would be -4.31 A m-2 (ln(j) = 1.46), based on the diffusion coefficient of 8.5×10-11 m2
s-1, evaluated by (McKenzie & Marken 2001) using the Stokes-Einstein expression for Fe2O3 particle
sizes of 4-5 nm. The ln(j) value of 1.46 matched well with the magnitude of the observed plateau
in Figure 5.38. However, the proportions of iron(III) present in dissolved and solid form could not
be known with certainty based on ICP or UV measurements alone; gravimetric analysis is required
and the particulate size of the solid would need to be determined using XRD, before the appropriate
diffusion coefficient may be evaluated.
An alternative possibility is that iron(III) in the eﬄuent was complexed by the sulfamate ion according
to Equation 5.8 and its solubility range thereby extended to less acidic pHs; despite the evidence of
this in Figure 5.39 the extent of complexation cannot be quantified in the absence of an equilibrium
constant in the literature. It should be noted that the currents in Figure 5.38 were obtained in the
absence of sulfamate.
Fe3+ + nNH2S O−3 ⇌ [Fe(NH2S O−3 )](3−n)+ (5.8)
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5.2.5 Oxygen Evolution Kinetics on Ebonex®
Figure 5.40 shows a comparison between anodic oxygen evolution kinetics on Pt and Ebonex® flags.
A comparison of water oxidation kinetics measured on a strip of Ebonex® with those measured on a
Pt flag, presented in Figure 5.40, shows that due to its high resistivity, Ebonex® is an extremely poor
electrode material and its use is likely to drive up the energy consumption of the Ni recovery process,
particularly in industrial-scale reactors. Based on the kinetic measurements, it is anticipated that the
use of Ebonex® anodes in the electrochemical reactor for nickel recovery will result in cell voltages
which are several Volts larger than in the presence of conventional dimensionally stable materials
such as graphite, which will show only marginally slower kinetics than platinum. For example, if a
current density of 100 A m-2 is passed, the anodic potential will be at least 1.7 V higher on Ebonex®
than on Pt/Ti; at 500 A m-2 it will be higher by 3.15 V. These differences are likely to increase when
electrodes are scaled up.
5.2.6 Conclusions
The voltammograms, obtained post fresh nickel nucleation on a Ni RDE in solutions containing 10
- 1000 mol NiII m-3 in the pH range 2.0 - 4.5, have provided some useful information regarding
nickel(II) reduction kinetics. All voltammograms plotted graphically as ln(j) vs E exhibited two
distinct linear regions. The first linear region (”A”) was primarily observed at potentials more positive
than the Nernst potentials for the Ni2+/Ni0 couple; the curves obtained in this region decreased in
magnitude with increasing nickel(II) concentration but the gradients were, on average, invariant with
nickel(II) concentration. It is hypothesized that these observations were caused by the adsorption
of nickel(II) on the electrode surface and the resultant blockage of the electroactive surface area;
surface coverage by nickel(II) increased with nickel(II) concentration. The second linear region (”B”)
exhibited Tafel coefficients between -15 V-1 and -30 V-1. These coefficients were primarily attributed
to nickel(II) reduction; they were found to increase with increasing nickel(II) concentration. Linear
regression lines were fitted to the kinetic curves in the regions ”A” and ”B” and it was proposed that
the potentials at which the lines intersect represent the potentials of nickel deposition onset. These
potentials were found to be, on average, negative of the Nernst potentials by 0.25 V.
Results obtained on a Ni coated Au EQCM confirmed that bulk nickel deposition began to occur at
the same potentials as those predicted by the intersections of the linear regression lines for regions
”A” and ”B” of the kinetic curves obtained on an RDE. Results also suggested that high nickel(II)
reduction current efficiencies can only be obtained once a fresh Ni layer is deposited over the un-
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derlying substrate, even in the underlying substrate is also Ni. This is attributed to a difference in
crystallographic structures of the underlying surface and a newly deposited surface. The maximum
nickel(II) reduction current efficiencies of 72.5 % and 77.8 % were obtained in the presence of 100
and 1000 mol NiII m-3, respectively, both at pH 3.0. These results show that efficiency is concentration
dependent, but not to a great extent. It is anticipated that this dependence on NiII concentration will
slightly decrease if the pH were increased above 3.0 and greatly increase if the pH were lowered.
Nickel(II) was found to be reducible under the mixed control regime in the potential region of ca. -1.0≤ E (SCE) / V ≤ -0.8. Very little deposition took place at potentials positive of -0.8 V (SCE), while it
is anticipated that under mass transport controlled deposition at potentials negative of -1 V the deposit
morphology will gradually worsen, particularly as NiII decreases and H2O reduction rate increases.
These conclusions are of primary importance to the potentiostatic control of an electrochemical reac-
tor during nickel(II) recovery.
The EQCM has proven to be an extremely useful technique for confirming the interpretations of the
kinetic data obtained on an RDE. The only drawback of the presently used EQCM system was that
the volume which could be processed was constrained to 3 cm3; ideally a larger volume could be used
to permit multiple potential cycles to be performed without causing significant changes to solution
composition. Furthermore, mass transport could not be imposed in a controlled maner; ideally, a
system developed by (Jeffrey, Zheng & Ritchie 2000) could be employed in which an EQCM is
mounted on a rotator in order to facilitate the measurements of kinetics under well-defined mass
transport conditions.
Finally, the nickel reduction kinetics were greatly modified in the presence of dissolved iron when
present at concentrations higher than 1 mol m-3. Kinetics measured in acidic solution containing
iron(III) were a replica of the kinetics obtained in the nickel sulfamate eﬄuent containing iron; it was,
therefore, concluded that iron in the eﬄuents is typically present as iron(III), although its form could
not be established unambiguously. It is anticipated that different behaviour will be observed when the
two eﬄuent samples are treated in the bench-scale reactor; after iron(III) is reduced to iron(II), the
iron(II), according to reports in the literature, should be reduced preferentially to iron(II).
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Figure 5.40: Comparison between the kinetics of O2 evolution on Pt and Ebonex substrates measured at pH 5.0 in 500 mol m-3 Na2SO4
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6 Nickel(II) Recovery in the Bench-Scale and Pilot-
Plant Reactors
Experimental details of the 14 experiments carried out in bench-scale reactor No. 1, bench-scale
reactor No.2 and the pilot plant prototype were given in Tables 4.5, 4.6 and 4.7, respectively, in
Section 4.3.1.4. Eﬄuent compositions are shown in Tables 9.1 and 9.2 in Appendix A.
A series of potentiostatic experiments were conducted in bench-scale reactor No. 1 with a view to
evaluate nickel(II) reduction rates and their variation with NiII concentration, FeIII concentration and
with catholyte pH.
A series of galvanostatic experiments were conducted in bench-scale reactor No. 2. The purpose of
these was, firstly, to optimise the NaOH dosing method for mainitaining nickel(II) reduction current
efficiencies above 90 % and, secondly, to verify the mass transport characterisation of the reactor in
predicting the mass transport limited NiII reduction current densities as functions of NiII concentra-
tions and solution flow rate.
Three experiments were conducted in the prototype pilot plant reactor under galvanostatic conditions;
the primary purpose of these experiments was to confirm the functional suitability of the reactor for
treating industrial nickel sulfamate eﬄuents.
6.1 Bench-Scale Reactor No. 1: Potentiostatic Recovery of Nickel(II)
6.1.1 Results
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6.1.1.1 Experiment 1: Nickel(II) Recovery from a Watts Solution in an Undivided Reactor
Solution: Synthetic Watts bath: [NiSO4·6H2O] = 760 mol m-3 & [B(OH)3] = 480 mol m-3
Main objective: Observation of change in solution pH with time & effect on nickel depositon rate
Cathode potential: -0.9 V (SCE)
pH adjustment: Once, at 16 hours: analyte pH raised to starting value
Measurements: Electrolyte pH, electrode mass & solution absorbance spectra
Nickel was deposited onto a stainless steel plate cathode in an undivided reactor. After 16 hours,
solution was extracted from the reactor and its the pH was raised ex-situ to its starting value in the
presence of vigorous stirring. When Ni(OH)2 precipitate re-dissolved, the experiment was re-started.
Within the first two hours of reactor operation the electrolyte pH rapidly decreased from an initial
value of 4.7 to 2.9. Thereafter, the pH continued to decrease at a decaying rate. Between two and
sixteen hours the pH decreased by 0.6 units. This is shown in Figure 6.1a. Following the manual
increase of the pH to its starting value, the same behaviour was observed.
Nickel deposition rates were greatly affected by the solution pH. In the first two hours, nickel was
deposited at a constant rate of 0.8 g per hour. This can be seen from the rates of change in accumulated
deposit mass shown in Figure 6.1b. After the decrease in pH below ca. 2.9 the deposition rate also
began to decrease at a decaying rate. Following the increase in pH at sixteen hours, nickel deposition
rates increased and remained constant at 0.72 g per hour for two hours. In the two hours preceding
the pH increase the nickel deposition rate was ca. 0.3 g per hour.
After sixteen hours of reactor operation the concentration of nickel(II) decreased from 760 mol m-3
to 611 mol m-3, as can be seen in Figure 6.1c. This constitutes a decrease by a factor of 1.24. The de-
position rates measured between zero and two hours and between sixteen and twenty hours decreased
by a factor of 1.1. This calculation shows that nickel(II) reduction rates were affected much more
severely by solution pH than they were by nickel(II) concentration.
The UV-Visible spectra of the electrolyte, shown in Figure 6.2, show the decreasing NiII absorbance
peak at 393 nm, together with growth of a peak at ca. 300 nm and a shoulder at ca. 220-230 nm. This
probably resulted from iron dissolving from the stainless steel cathode, as the equilibrium potential
of Fe in the absence of FeII is at ca. -0.9 V (SCE). This phenomenon was responsible for the incon-
sistency between the trends in mass and nickel concentration measurements. Subsequently, only Ni
electrodes were used in the experiments with the reactor.
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Figure 6.1: Experimental data obtained during nickel deposition from a synthetic Watts bath
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Figure 6.2: Solution spectra taken during nickel deposition from a synthetic Watts bath onto a stainless
steel plate cathode (Experiment 1)
Figure 6.3: A stainless steel plate electrode before and after deposition of nickel from a synthetic
Watts bath in an undivided reactor
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6.1.1.2 Experiment 2: Nickel(II) Recovery from a Synthetic Sulfamate Solution in a
Membrane-Separated Reactor
Solution: Synthetic sulfamate bath: [Ni(NH2SO3)4·4H2O] = 1600 mol m-3
& [B(OH)3] = 190 mol m-3
Main objective: Measurement of nickel(II) reduction rates in sulfamate solution
Cathode potential: -0.9 V (SCE)
pH adjustment: None
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass
& solution absorbance spectra
Nickel was deposited onto a nickel plate cathode in a membrane-separated reactor. Neither anolyte
nor catholyte pH were modified during the experiment. Similarly to the behaviour observed in the
undivided reactor, the pH in the anolyte and catholyte solutions decreased with time at a decaying
rate, as shown in Figure 6.4a. The catholyte and anolyte pH appeared to decrease at similar rates.
The cell voltage was observed to vary as a result of changes in the anode potential, as shown in Figure
6.4b. The anode potential increased with time; this is attributed to the decrease in anolyte pH , which
raises the potential required to drive the oxygen evolution reaction, as may be envisaged from Figure
2.6 in Section 2.2.2.1. A change in anolyte pH from 3.17 to 1.75 would increase the required driving
force from 1.44 V (SCE) to 1.69 V (SCE), which agrees with the observations.
Nickel solution spectra, shown in Figure 6.4c, demonstrates a decrease in the NiII absorbance peak,
with no further peaks developing with time.
Figure 6.4d shows the accumulation of nickel deposit mass during the experiment as measured by
electrode weight and also as evaluated through the magnitudes of the absorbance peaks at 393 nm.
Agreement lies in the fact that nickel deposits at a steady rate for the first three hours. The rate of
deposition decreases as the catholyte pH falls below 2.9. At that point the nickel(II) concentration is
calculated to be 1070 mol m-3. Based on the results obtained in Experiment 1, it is concluded that it is
the decrease of catholyte pH and not the decrease in nickel(II) concentration that causes the decrease
in the nickel deposition rate.
There is, however, an evident discrepancy between the results obtained through mass and absorbance
measurements. Nickel(II) reduction rates determined from the time dependence of the absorbance
peak were higher than those obtained by mass measurements. In principle, the evaluation of elec-
trode mass on an analytical balance capable of 10-6 g precision involves less error than the procedure
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involved in obtaining the nickel(II) concentration by spectrometry measurements. Consequently, the
measurements of electrode mass are considered to be more reliable. The reason for the discrepancy
between the results is attributed to the dilution of the catholyte solution due to electro-osmotic trans-
port of H2O through the membrane from the anolyte, which accompanies the flux of H+ and Na+ ions.
Consequently, the nickel(II) concentration decreases not just due to its removal by electrochemical
reduction but also due to dilution of the solution.
Over the first three hours, accumulation of deposit mass, measured by electrode weight, takes place at
an average rate of 4.34 gramms per hour, which is higher than the rates measured in the Watts bath by
over a factor of 4. This cannot be explained by a difference in nickel(II) concentrations, as that would
only explain a factor of 2 difference. Perhaps the sulfamate salt indeed gives rise to higher deposition
rates, as reported in the literature.
Figure 6.4e shows the measured current; the spikes at hourly intervals are due to charging of the
electrode surface while the others are due to the trapping of bubbles in the RE compartment and
consequent interruption to measurements. Finally, as can be seen in Figure 6.4f, the nickel deposit
is not of good quality. After the first hour, the deposit shows extensive pitting; after four hours the
deposit is extremely stressed and begins to crack.
6.1.1.3 Experiment 3: Anolyte pH Control During Treatment of Synthetic Sulfamate Solution
Solution: Synthetic sulfamate bath: Ni(NH2SO3)4·4H2O = 1600 mol m-3
& B(OH)3 = 190 mol m-3
Main objective: Investigation of anolyte pH control & effect on nickel deposition rates
Cathode potential: -0.9 V (SCE)
pH adjustment: Hourly; anolyte pH raised to initial value
Nickel was deposited onto a nickel plate cathode in a membrane-separated reactor. The anolyte was
dosed with NaOH every hour in order to return its pH to the starting value of ca. 5. Additions of NaOH
to the anolyte prevented the catholyte pH from decreasing below 3.6 due to a preferential flux of Na+
ions rather than H+ ions through the membrane from the anolyte. Nickel deposition rate remained
constant at 3.9 gramms per hour during the experiment. The experiment had to be terminated early
due to a development of stress in the deposit which caused it to fracture and peel away from the
electrode, almost bridging the gap between the cathode and the membrane, as can be seen in Figure
6.5e. Subsequently, nickel deposition on Ni mesh electrodes was investigated.
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Figure 6.4: Experimental data obtained during nickel deposition from a synthetic sulfamate bath in a
membrane-separated reactor in the absence of pH control (Experiment 2)
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Figure 6.5: Experimental data obtained during nickel deposition from a synthetic sulfamate bath in a
membrane-separated reactor in the presence of pH control (Experiment 3)
236
6.1.1.4 Experiment 4: Nickel(II) Recovery on a Nickel Mesh Electrode
Solution: Synthetic sulfamate bath: Ni(NH2SO3)4·4H2O = 1440 mol m-3
& B(OH)3 = 190 mol m-3
Main objective: Investigation of anolyte pH control & effect on nickel deposition rates
Cathode potential: -0.9 V (SCE)
pH adjustment: Hourly; anolyte pH raised to initial value
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass
& solution absorbance spectra
Nickel was deposited onto a nickel mesh cathode in a membrane-separated reactor. The anolyte was
dosed with NaOH every hour in order to return its pH to the starting value of ca. 6.5. Additions of
NaOH to the anolyte prevented the catholyte pH from decreasing below 3.8.
Nickel was deposited at a steady rate of 2.7 gramms per hour during the experiment. This rate is
considerably lower than the rates measured on plate electrodes in synthetic nickel sulfamate solutions.
The difference is attributed to the smaller surface area of the mesh electrode compared to a plate
electrode. The deposit remained adherent and coherent throughout the experiment, as shown in Figure
6.6e, although there was evidence of pitting.
The discrepancy between nickel mass accumulation measured by electrode weight and by calculations
based on absorbance peaks at 393 nm are, once again, very evident. It is also noticeable that the
discrepancies visible in Figure 6.6d are much greater than those shown in Figure 6.4d for Experiment
2. Electro-osmotic transfer of 2.6 and 7 H2O molecules per H+ and Na+ ion, respectively, have been
reported through various membranes in (Breslau & Miller 1971). It is evident from this that if Na+
ions diffuse from the anolyte preferentially to H+ ions, the catholyte will undergo greater dilution.
Indeed, when the anolyte is dosed with NaOH a greater flux of Na+ ions is maintained than in the
absence of dosing. Consequently, the catholyte in Experiment 4 is diluted to a greater degree than in
Experiment 2.
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Figure 6.6: Experimental data obtained during nickel deposition from a synthetic sulfamate bath in a
membrane-separated reactor in the presence of pH control (Experiment 4)
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6.1.1.5 Experiment 5: Nickel(II) Recovery from an Industrial Eﬄuent Sample
Solution: Nickel sulfamate eﬄuent sample 1: NiII = 1350 mol m-3 & FeIII = 4.94 mol m-3
Main objective: Investigation of nickel deposition from industrial eﬄuent sample
Cathode potential: -1.0 V (SCE)
pH adjustment: Catholyte pH adjusted from 1.83 to 3.70 prior to the experiment
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass
& solution absorbance spectra
Nickel was deposited onto a nickel mesh cathode in a membrane-separated reactor from nickel sulfa-
mate eﬄuent sample No. 1. Simultaneously with replacing the hitherto used synthetic solutions with
an eﬄuent, the cathode potential was lowered down to -1.0 V (SCE) in order to see whether nickel
deposition rates would improve. Furthermore, the starting pH of the eﬄuent was raised from its
natural value of 1.83 to 3.7 prior to the experiment. This was done in order ensure high deposition
efficiencies.
Contrary to previous observations, the catholyte pH increased with time while the anolyte pH de-
creased in the absence of dosing, as can be seen in Figure 6.7a. In five hours of reactor operation, the
catholyte pH rose from 3.71 to 5.77, at which point the iron contained in the eﬄuent began to precipi-
tate. It is possible to see this happening inside the reactor in Figure 6.7e; the typically bright and clear
green solution is turning opaque and brown. Prior to iron precipitation, the iron absorption spectra
were observed to decrease with time, as shown in Figute 6.7c, even though the spectra were greatly
affected by scattering by iron particles. This indicated that FeIII was also reacting at the cathode. It
is proposed, based on the observations reported in Section 5.2.4, that the observed pH rise took place
due to cathodic consumption of H+ by either Fe2O3 or Fe(OH)3 reduction by Reactions 5.6 or 5.6.
The Fe content in the eﬄuent was 4.94 mol m-3, as measured by ICP. Taking the diffusion layer
thickness for an RDE rotation of 960 RPM and using the diffusion coefficient of 8.5×10-11 m2 s-1
(McKenzie & Marken 2001) for a crude estimation of mass transport limited Fe2O3 reduction rate,
it was calculated that H+ will be consumed by Reaction 5.6 at the cathode at rate of 2.25×10-4 mol
s-1. The average current measured during the experiment was -0.46 A, corresponding to an anodic
H+ production rate of 4.77×10-4 mol s-1. These values are considered sufficiently compatible to
propose the reduction of Fe2O3 as a viable explanation for the observed behaviour of catholyte pH.
According to the speciation diagram in Figure 2.20 in Section 2.2.2.4, Fe(OH)3 is generally present
in considerably smaller quantities than Fe2O3 and so would have made a much smaller contribution
to the change in catholyte pH.
239
12
3
4
5
6
7
0 1 2 3 4 5 6
p
H
Time,  t  /  hours
Catholyte
Anolyte
(a) pH
0
1
2
3
4
5
6
0 1 2 3 4 5 6
A
c
c
u
m
u
la
te
d
 N
i 
d
e
p
o
s
it
 m
a
s
s
, 
 Δ
m
  
/ 
 g
Time,  t  /  hours
(b) Deposit mass accumulation
0.0
0.1
0.2
0.3
0.4
0.5
0.6
0.7
0.8
0.9
1.0
200 250 300 350 400 450 500
A
b
s
o
rb
a
n
c
e
, 
 A
λ
Wavelength,  λ /  nm
t  =  0 hrs
t  =  1 hrs
t  =  2 hrs
t  =  3 hrs
t  =  4 hrs
t  =  5 hrs
(c) UV-Visible spectra of the solution
0.58
0.60
0.62
0.64
0.66
0.68
0.70
0.72
0.74
0 1 2 3 4 5 6
A
b
s
o
rb
a
n
c
e
, 
 A
λ
Time,  t  /  hours
(d) Absorbance magnitudes at 393 nm
(e) Iron precipitation in solution
Figure 6.7: Experimental data obtained during nickel deposition from sample 1 of industrial nickel
sulfamate eﬄuents in a membrane-separated reactor in the absence of pH control (Experiment 5)
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6.1.1.6 Experiment 6: Treatment of an Industrial Eﬄuent Contaminated with Iron(III)
Solution: Nickel sulfamate eﬄuent sample 1: NiII = 1350 mol m-3 & FeIII = 4.94 mol m-3
Main objective: Investigation of the effect of iron on pH
Cathode potential: -1.0 V (SCE)
pH adjustment: None
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass
& solution absorbance spectra
This experiment was identical to Experiment 5 and was, again, conducted in the absence of anolyte
dosing, however, the starting catholyte pH was not adjusted and left at its natural value of 1.83. The
catholyte pH rose very rapidly as soon as -1.0 V (SCE) was applied to the cathode. The pH increased
from 1.83 to 5.15 in the first two hours of reactor operation, while the anolyte pH decreased in the
typical manner observed in previous experiments. After a further three hours, the catholyte pH rose to
a steady value of 5.95, as can be seen in Figure 6.8a. The UV-Visible spectra in Figure 6.8b showed
decay of both the nickel and the iron peaks, although the nickel peak was clearly affected by the iron
peak as can be seen in the unsteady change the maximum absorbance at 393 nm in Figure 6.8c. After
ten hours the catholyte pH began to decrease very sharply until it reached an average plateau of 3.35,
at which it remained for another six hours. The eventual decrease in pH roughly coincides with the
time at which the spectral lines for iron reduced very significantly, possibly signifying the exhaustion
of reactant. On the twenty first hour of the experiment the measured current rose sharply by ca. 1
A, as shown in Figure 6.8e, at which point the electrode passivated. This could have been caused
by a strong onset of H2O reduction following substantial depletion of the Ni and Fe reactants. Until
electrode passivation nickel was deposited at a constant rate of 0.92 gramms per hour.
6.1.2 Conclusions
Nickel(II) was reduced successfully under potentiostatic conditions at applied potentials of -0.9 V
(SCE) and -1.0 V (SCE). Nickel mesh electrodes were found to be better substrates than plate elec-
trodes, due to better adherence and lower stress of deposit. Hourly adjustments of the anolyte pH to
its starting value were required to prevent the catholyte pH from dropping below ca. pH 2.5 in order
to maintain constant nickel deposition rates. Anolyte pH adjustement was not required when iron was
present in solution at concentrations above 1 mol m-3 because Fe2O3 reduction consumed protons at
rates that were sufficient to increase the catholyte pH to values at which iron precipitated. In these
cases periodic acidification of the catholyte may be required.
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Figure 6.8: Experimental data obtained during nickel deposition from sample 1 of industrial nickel
sulfamate eﬄuents in a membrane-separated reactor in the absence of pH control (Experiment 6)
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6.2 Bench-Scale Reactor No. 2: Galvanostatic Recovery of Nickel(II)
6.2.1 Reactor Characterisation by Hexacyanoferrate(III) Reduction
As mass transport limited reduction current densities of nickel(II) are always obscured by H2O
reduction, the reactor was characterised using the reduction of hexacyanoferrate(III) ions in a solution
of pH 11.6.
0.5 dm3 of solution containing 100 mol m-3 K3Fe(CN)6 in a supporting electrolyte of 1000 mol m-3
Na2CO3 was circulated through this reactor at linear flow rates between 0 and 8 cm s-1, while mass
transport limited reduction current densities were recorded at the cathode, held at -0.85 V (SCE). The
procedure was repeated three times: on a horizontally orientated mesh No. 1 and on both horizontally
and vertically orientated mesh No.2; the dimensions of both meshes were given in Figure 4.21 in
Section 4.3.1.4. In horizontal mesh orientation the length of the mesh apertures is perpendicular to
solution flow. Mesh No. 1 was used in galvanostatic experiments 4-9, while Mesh No. 2 was used for
experiments 10-14.
The experimentally determined mass transport constant A×km for the hexacyanoferrate(III) ions and
the corresponding values for NiII and H+ ions, calculated using Equation 2.219, are shown as a func-
tion of linear flow rate in Figure 6.9 for mesh No. 2. The correlation functions between solution flow
rates and A×km (Ni) are shown in Figure 6.10 for both horizontally orientated meshes. A comparison
of A×km on the horizontally and vertically orientated mesh 2 is hown in Figure 6.11. The latter graph
shows that mass transport rates are higher at a horizontally orientated mesh and so this electrode
orientation was used during all galvanostatic experiments.
In evaluating the A×km values from the quantity of charge passed during the reduction of hexacyano-
ferrate(III) ions, a current efficiency of 100 % was always assumed. This assumption was checked
by considering the UV-Visible spectra of the solution taken before and after the reduction of hex-
acyanoferrate(III) at a horizontally orientated mesh No. 2. The spectra are shown in Figure 6.12.
Each spectrum shows three preaks; current efficiencies were calculated using the ratios between ab-
sorbances at those three peaks. The results suggest that the maximum and minimum current efficiency
with which hexacyanoferrate(III) could have been reduced was 81 % and 70 %, respectively. These
results suggest that the mass transport constants evaluated for NiII and H+ ions were, in fact, overes-
timates.
Furthermore, of considerable importance are the relative viscosities of the hexacyanoferrate(III) solu-
tion used in the mass transport characterisation experiments and the viscosities of the nickel sulfamate
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solutions. The rotating disc experiments for hexacyanoferrate(II)/(III) oxidation / reduction, discussed
in Appendix D, have shown that, due to the addition of Na2CO3 supporting electrolyte, the kinematic
viscosity is considerably larger than 10-6 m2 s-1. The calculated kinematic viscocities of the hexa-
cyanoferrate(II)/(III) solutions are shown in Figure 9.5a, while the typical viscosities of nickel sulfate
solutions are shown in Figure 9.5b. The results show that the viscosity of the solution used to charac-
terise the reactor was ca. 8×10-6 m2 s-1, while the viscosity of a molar nickel(II) sulfate solution is ca.
2×10-6 m2 s-1, a factor of 4 lower. In reality, the viscosity of the eﬄuent, which contains sulfamate
instead of sulfate, as well as other supporting electrolytes, should be higher. Nonetheless, while an
assumption of 100 % efficiency results of overestimated mass transport constants, the discrepancies
between the viscosities of the characteristaion solution and the eﬄuent may result in underestimated
values.
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Figure 6.10: Quadratic correlation function for A×km(Ni) versus linear flow rate through a cross-
sectional area of 0.2×0.04 m2 in bench-scale reactor No. 2
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Figure 6.11: Difference in A×km values obtained at various solution flow rates for NiII ions on a
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Figure 6.12: UV-Visible spectra of 100 mol m-3 potassium hexacyanoferrate(III) solution before and
after the passage of 4635 C of charge during reduction for mass transport measurements
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6.2.2 Results
6.2.2.1 Experiment 7: Comparison of Pt/Ti and Ebonex® Anodes During Galvanostatic
Nickel(II) Recovery
Solution: Nickel sulfamate eﬄuent sample 2: NiII = 2100 mol m-3 & FeIII = 0.86 mol m-3
Main objectives: Investigation of galvanostatic deposition of nickel
Comparison of cell voltages measured in the presence of Pt/Ti and Ebonex® anodes
Current: 5 A
pH adjustment: None
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass
& solution absorbance spectra
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Figure 6.13: Applied current versus the mass trans-
port limited current for NiII reduction
Nickel was deposited galvanostatically on a
nickel mesh cathode in the absence of anolyte
pH adjustments. A Pt/Ti mesh was used as the
anode for the first seven hours and was subse-
quently replaced with two Ebonex® rods. As
shown in Figure 6.13, during the experiment the
applied current did not exceed the mass transport
limited NiII reduction current, predicted based
on a linear solution flow rate of 2.2 cm s-1.
As can be seen in Figure 6.14a, the catholyte pH
curve exhibits an initial increase over a period of
two hours. Subsequently, the pH begins to decrease, falling below pH 2.5 after three hours of reactor
operation. In agreement with the potentiostatic experiments presented in Section 6.6.1, both the
nickel deposition rate, shown in Figure 6.14c, and the nickel deposition current efficiency, presented
in Figure 6.14d, dropped after the catholyte pH decreased below ca. 2.5. Although the subsequent rate
of catholyte pH decrease was very slow (ca. 0.05 pH units per hour), the current efficiency decreased
from 92 % at three hours of operation to ca. 52 % after eight hours of operation.
In the presence of a Pt/Ti anode the cell voltage was, on average, 4.8 V. After the replacement of Pt/Ti
with Ebonex®, the cell voltage increased to 7 V. The increase in cell voltage by 2.2 V constitutes a
penalty of 2,232 kWh (tonne Ni)-1 at a current efficiency of 90%, confirming the poor suitability of
Ebonex® for this purpose.
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Figure 6.14: Experimental data obtained during nickel deposition from industrial nickel eﬄuent sam-
ple No. 2 in a membrane-separated reactor in the absence of pH control (Experiment 7)
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6.2.2.2 Experiment 8: Investigation of Mass Transport Rate Predictions in the Absence of pH
Control
Solution: Nickel sulfamate eﬄuent sample 2: NiII = 2140 mol m-3 & FeIII = 0.86 mol m-3
Main objectives: Investigation into the accuracy of mass transport limited NiII reduction current predictions
Current: 3.2 A
pH adjustment: None
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass
& solution absorbance spectra
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Figure 6.15: Applied current versus the mass trans-
port limited current for NiII reduction
Nickel was deposited galvanostatically on a
nickel mesh cathode in the absence of anolyte
pH adjustments and in the presence of a pla-
tinised titanium mesh. This experiment was a
replica of Experiment 7, but the applied current
was reduced to 3.2 A. As shown in Figure 6.15,
the applied current was expected to exceed the
mass transport limited value after 17 hours of re-
actor operation, provided nickel(II) was reduced
with a current efficiency of 100 %. The nickel(II)
reduction current efficiency, which was calcu-
lated to have a value of 98.5 % in the first three hours of reactor opeation, but thereafter decreased
linearly by 4.6 % an hour because the anolyte was not dosed with NaOH. The experimentally obtained
current efficiencies were used to recalculate the mass transport limited reduction current densities,
which are also shown in Figure 6.15. Results show that if the nickel(II) reduction current efficiency
did not decrease below 98.5 %, the experimental predictions, which were made based on reactor char-
acteristation, would have been correct. Maintenance of a high nickel(II) reduction current efficiency
through dosage of the anolyte with NaOH was the objective of the following experiment.
The catholyte pH was, again, observed to go through a maximum at about three hours of reactor
operation, as can be seen in Figure 6.16d. It is understood that the catholyte maximum corresponds to
the point at which the flux of H+ ions through the membrane begins to exceed the flux of Na+ ions. The
flux of Na+ ions is initially greater because the ratio between the sodium and proton concentrations
in the anolyte of initial pH 4.86 is 72,450. Gradually, as sodium ions are depleted, protons, which are
continuously generated at the anode, become the primary carriers of current through the membrane.
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Figure 6.16: Experimental data obtained during nickel deposition from industrial nickel eﬄuent sam-
ple No. 2 in a membrane-separated reactor in the absence of pH control (Experiment 8)
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6.2.2.3 Experiment 9: Validation of Mass Transport Predictions Under pH Control
Solution: Nickel sulfamate eﬄuent sample 2: NiII = 2080 mol m-3 & FeIII = 0.86 mol m-3
Main objectives: Investigation into the accuracy of mass transport limited NiII reduction
current predictions in the presence of pH control
Current: 3.2 A for 8 hours; 9.5 A thereafter
pH adjustment: Hourly
Measurements: Catholyte and anolyte pH, anode potential, cell voltage, electrode mass & spectra
Nickel was deposited galvanostatically on a nickel mesh cathode in the presence of anolyte pH ad-
justment; a Pt/Ti mesh anode was used. For the first three hours the anolyte was not dosed with NaOH
while the catholyte pH was allowed to pass through a maximum before pH adjustment began. There-
after the anolyte was raised to a value of ca. 6 on an hourly basis, as shown in Figure 6.17a. Nickel
was deposited at 3.2 A for the first eight hours but subsequently the current was increased to 9.5 A in
order to increase the deposition rate and shorten the duration of the experiment. The variation in ap-
plied current with time and the corresponding changes in mass transport limited nickel(II) reduction
currents assuming 100 % current efficiency are shown in Figure 6.17b. The mass transport limited
currents evaluated based on the experimentally determined nickel(II) reduction current efficiencies
are also shown. The results show that the discrepancy between the predictions in the measurements is
only caused by the nickel(II) reduction current efficiencies being below 100 %. The average efficiency
measured during the experiment was 94.5 %; the efficiency always remained at above 90 % until the
applied current exceeded that mass transport limited value.
The applied current was expected to exceed the mass transport limited value after ten hours of reactor
operation. This prediction was supported by pH data; after ten hours the catholyte pH increased from
2.79 to 6.13 within an hour, indicating a rapid consumption of H+ ions by the HER. Moreover, the
nickel deposit, which upto this point remained bright, as shown in Figure 6.17e, became covered in
green Ni(OH)2 sludge. These results confirm that the characterisation of the reactor using reduction of
hexacyanoferrate(III) ions permitted accurate predictions of mass transport rate constant for NiII ions.
However, in the absence of a micro-kinetic model describing nickel(II) reduction kinetics as a function
of nickel(II) concentration and pH, the current efficiencies cannot be predicted with precision.
The kinetic results obtained on a Pt RDE, shown in Figures 5.16 and 5.17 in Section 5.2.1, have been
modelled in gPROMS and kinetic parameters for the reduction of NiII, NiI, H+ and Hads evaluated. The
kinetic model utilising these parameters was coupled with a macro-kinetic model setup to represent
the above experiment; the results are presented in Appendix E.
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Figure 6.17: Experimental data obtained during nickel deposition from industrial nickel eﬄuent sam-
ple No. 2 in a membrane-separated reactor in the presence of hourly pH control (Experiment 9)
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6.2.2.4 Experiment 10: Validation of Reactor Model Predictions in the Presence of Contin-
uous pH Adjustments A macro-kinetic model, constructed in gPROMS according to equations
described in Section 3.2, was used to determine the control parameters for this experiment, conducted
using nickel sulfamate eﬄuent sample No. 8. The fixed values input into the model were the initial
volumes of the catholyte (0.6 dm3) and the anolyte (1 dm3), the pH of the catholyte (3.0), the concen-
tration of nickel(II) in the catholyte (1100 mol m-3) and the nickel(II) reduction curent efficiency of
95 %. Essentially, in the absence of reliable micro-kinetic parameters, the typical observation of a 95
% current efficiency at pH 3.0 was taken as a standard. The pH could have, in principle, been fixed
at a higher value to better guarantee a high deposition efficiency, however, this was decided against in
order to avoid passivation. The current was fixed at 5 A for the first six hours and was subsequently
reduced in order to prevent mass transport control.
A fixed nickel reduction current efficiency requires a fixed rate of H+ consumption at the cathode.
Consequently, in order for the catholyte pH to remain constant the fluxes of H+ and Na+ ions through
the membrane must also be constant. gPROMS output values for the required initial value of the
anolyte pH, based on an Na2SO4 concentration of 500 mol m-3 as well as the required rate of 4400
mol NaOH m-3 addition in order for the correct balance between H+ and Na+ ions in both reservoirs to
be maintained. It was predicted that the anolyte pH should be 2.11 and for the rate of NaOH addition
to be varied in response to change in the applied current, as shown in Figure 6.18. The predicted rates
of change in nickel(II) concentration, the anolyte and catholyte volumes are also shown in 6.18.
Figure 6.18: Calculated rate of NaOH addition to the anolyte required to maintain a 95 % nickel
reduction current efficiency; the variations in NiII concentration, catholyte and anolyte volumes under
galvanostatic conditions (Experiment10)
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As predicted, the anolyte pH remained constant roughly at its intial value of 2.11, indicating that
the relative fluxes of protons and sodium ions through the membrane also remained constant; the
nickel(II) reduction current efficiency was successfully maintained at an average value of 95.15 %
throughout the duration of the experiment, as can be seen in Figure 6.19b. The inclusion of electro-
osmotic effects in the macro-kinetic model greately reduced the discrepancy between the deposit
mass accumulation values measured by electrode weight and the values calculated based on the con-
centration measurements using UV-Visible spectra of the catholyte, as can be seen in Figure 6.19d;
invariance of the catholyte volume with time was no longer assumed when the amount of recovered
nickel was estimated from the measured nickel concentration values. The only remarkable deviation
from the model predictions was the catholyte pH, which steadily increased with time, ultimately caus-
ing cathode passivation at a bulk pH 4.0. The eﬄuent under investigation contained 6.34 mol m-3 FeIII
and its reduction is assumed to be responsible for the observed pH behaviour. The slower rate of pH
increase compared to the rates observed in poteniostatic Experiments 5 and 6 is assumed to be caused
by the higher NiII content in eﬄuent 8 compared to eﬄuent 1; eﬄuent 8 contained 1.5 times more
nickel(II) than eﬄuent 1.
6.2.2.5 Experiments 10 & 11: A Comparison Experiments 10 and 11 were conducted under
identical conditions with the exception of the eﬄuents being treated. Eﬄuent 8 was treated in Exper-
iment 10, while Eﬄuent 2 was used in Experiment 11. The nickel(II) content in eﬄuent 2 was higher
than in eﬄuent 8 but the iron content was lower by a factor of 7.4. Nickel deposition rates measured
in both experiments were almost identical, as can be seen in Figures 6.20a and 6.20b. The pH of
eﬄuent 2 increased more slowly, as would be expected from the lower iron content.
6.2.3 Conclusions
It has been demonstrated than the rate of mass transport at a nickel mesh electrode can be predicted
very accurately provided that nickel(II) reduction efficiencies are maintained above ca. 90 %. High
efficiencies can be maintained with the aid of NaOH additions to the anolyte which have the effect of
lowering the flux of H+ ions through the membrane. Required dosing rates can be accurately predicted
for specified experimental conditions using the macro-kinetic model developed in Section 3.2.
The consistent observation of catholyte pH increase in the presence of iron leads to the conclusion that
the knowledge of Fe2O3 reduction kinetics is perhaps even more important than the understanding of
nickel(II) reduction kinetics. The reduction of nickel(II) has no bearing on the catholyte pH, other
254
than indirectly due its competition with the HER; the reduction of Fe2O3, which involves 6 protons
per reduced Fe2O3 molecule, on the other hand greatly modifies the solution pH. It is clear from every
experiment that solution pH has a greater effect on nickel recovery than nickel(II) concentration;
consequently, processes which modify the pH require careful study.
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Figure 6.19: Experimental data obtained during nickel deposition from industrial nickel eﬄuent sample No. 8 in a membrane-separated reactor in the
presence of continuous pH control (Experiment 10)
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Figure 6.20: Experimental data obtained during nickel deposition from industrial nickel eﬄuent samples No. 8 and No 2. in a membrane-separated
reactor in the presence of continuous pH control (Experiments 10 & 11)
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6.3 Pilot Plant Reactor Prototype: Galvanostatic Recovery of Nickel(II)
The pilot plant reactor prototype was initially tested in the Electrochemical Engineering Laboratory
at Imperial College and was subsequently transferred and tested at the industrial site of Gower Chem-
icals Ltd; two experiments were conducted at Imperial College and one at Gower Chemicals.
Anolyte reservoir  
NaOH 
reservoir  
Catholyte reservoir  
Pump
Catholyte
reservoir
Power supply
Figure 6.21: Images of the pilot plant reactor setup at the industrial site of Gower Chemicals Ltd.
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6.3.1 Results
The maximum linear flow rate through the cathode compartment that could be achieved with the
available pumps was 2.9 cm s-1; all experiments were conducted at this flow rate.
6.3.1.1 Experiment 12: Test of Reactor Functionality
Solution: Nickel sulfamate eﬄuent sample 7: NiII = 1770 mol m-3 & FeIII = 4.08 mol m-3
Main objective: Verification of the functionality of the pilot plant reactor system
Estimation of process energy consumption
Applied current: 59 A
pH adjustment: Continuous drip-feed of 4400 mol m-3 NaOH solution at a rate of 8.3 dm3 min-1
The rate of OH- addition = H+ production rate of 6.115×10-4 mol s-1 at the anode
Measurements: Catholyte and anolyte pH, cathode & anode potentials, cell voltage, cathode mass
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Figure 6.22: Mass transport predictions
for NiII reduction in the pilot plant reac-
tor (Experiment 12)
Nickel was deposited at a constant current of 59 A; the
mass transport limited current, shown in Figure 6.22, was
calculated by scaling up the A×km(Ni) value determined for
mesh No. 2 in bench-scale reactor No. 2 by a factor of 15,
which corresponded to the difference in the electroactive
areas of the electrodes in the two reactors. The response
of the cell voltage to current is shown in Figure 6.23a; the
cell voltage was stable at an average value of 8.8 V, giv-
ing a specific electrical energy requirement is 8,370 kWh
(tonne Ni)-1 at 96 % current efficiency. The responses of
the cathode and anode potentials are shown in Figure 6.23b. Nickel was deposited at a constant rate
of 61.5 gramms per hour with an average and fairly stable current efficiency of 96 % until the electrode
passivated. The abrupt termination of the experiment due to a rapid catholyte pH rise and resultant
cathode passivation after nine hours, shown in Figures 6.24 and 6.25, could not be explained by the
decrease in the mass transport limited current below the applied value. The strong passivation of the
electrode demonstrated the unsatisfactory current distribution between the anode and the cathode; the
passivated areas covered in green nickel hydroxide sludge clearly reflected the pattern of the spacer /
membrane support frames, shown in Figure 4.20a in Section 4.3.1.3. Based on the passivated areas
the electroactive elctrode area was estimated to be ca. 2/3 of the electrode area.
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Figure 6.23: Experimental data obtained during nickel deposition from industrial nickel eﬄuent sam-
ple No. 7 in the pilot plant reactor (Experiment 12)
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Figure 6.25: Images of the pilot plant electrode after precipitation of Ni(OH)2 at elevated catholyte
pH
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6.3.1.2 Experiment 13: Investigation of Electrode Passivation
Solution: Nickel sulfamate eﬄuent sample 8: NiII = 1220 mol m-3 & FeIII = 6.34 mol m-3
Main objective: Investigation into electrode passivation
Applied current: Reduced every hour
pH adjustment: Continuous drip-feed of 4400 mol m-3 NaOH solution at a rate ∝ Iapplied
Measurements: Catholyte and anolyte pH, cathode & anode potentials, cell voltage, cathode mass
Nickel was deposited galvanostatically at currents which were decreased every hour in the presence
of continuous pH control.
Currents were reduced every hour, as shown in Figures 6.26a and 6.26b, in order to prevent electrode
passivation in the event that the mass transport limited current densities were predicted incorrectly
due to differences between the mass transport characteristics of the cathode compartment in the pilot
plant reactor and bench-scale reactor No.2 on which the predictions were based; error may also have
been made in the estimation of the electroactive cathode surface area, due to non-uniform distribution
of current. It was, however, observed that in spite of the applied currents being considerably smaller
than the mass transport limited currents, as shown in Figure 6.26a, the catholyte pH still increased
substantially enough, as can be seen in Figure 6.26c, to cause electrode passivation. This is, like in
Experiments 5, 6, 10 and 11, attributed to the reduction of iron(III) to iron(II) and the consumption of
protons in the process.
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Figure 6.26: Experimental data obtained during nickel deposition from industrial nickel eﬄuent sam-
ple No. 8 in the pilot plant reactor in the presence of continuous pH control (Experiment 13)
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6.3.1.3 Experiment 14: At Gower Chemicals Ltd
Solution: Nickel sulfamate eﬄuent sample provided at Gower: NiII ≈ 2010 mol m-3
Main objective: Evaluation of minimum NiII concentration achievable in the pilot plant
Applied current: 60 A for 15 hours; current gradually decreased thereafter
pH adjustment: Continuous drip-feed of 4400 mol m-3 NaOH solution
Measurements: Catholyte and anolyte pH, cathode & anode potentials, cell voltage, cathode mass
The pilot plant was run at Gower Chemicals; measurements other than the applied current were taken
when possible. Current was applied with a very large safety factor relative to the mass transport
limited current predictions as shown in Figure 6.27a. The anolyte was dosed with 4400 mol m-3
NaOH at a rate proportional to the applied current, as shown in Figure 6.27b.
In the first twenty hours of reactor operation nickel was deposited at constant rate of 64.4 gramms per
hour with a curent efficiency of 98.3 %; thereafter the reactor was operated successfully for a further
twenty hours without the electrode passivating. Mass measurements were not possible, however the
spectrum of the solution taken at the very end of the experimental run was analysed at Imperial
College, yielding a concentration of 196 mol m-3. The remaining spectrum, shown in Figure 6.29d,
shows that some iron remained in solution, however, the eﬄuent investigated during this experimental
run clearly contained very little iron in comparison to some of the eﬄuent samples investigated in
Experiments 1- 11. This is believed to be the reason for the success of the experiment.
The deposit obtained after fourty hours of reactor operation is shown in Figures 6.29a - 6.29c. Nickel
deposited in large nodules on the electroactive areas of the electrode.
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Figure 6.27: Model predictions for the operation and performance of the pilot plant reactor during
treatment of an eﬄuent sample received at Gower Chemicals Ltd. (Experiment 14)
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Figure 6.28: Experimental data obtained during nickel deposition from an eﬄuent sample in the pilot plant reactor in the presence of continuous pH
control (Experiment 14)
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(a) Electrode side facing the membrane & anode (b) Electrode side facing the membrane & anode
(c) Electrode side facing away from the membrane
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Figure 6.29: Nickel deposit appearance and catholyte spectrum after 40 hours of reactor operation
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7 Conclusions
The project for which the results have been presented, aimed to develop a process to treat industrial
nickel sulfamate plating eﬄuents by electrochemical depletion of nickel(II). The eﬄuent primarily
consisted of nickel sulfamate, nickel chloride and boric acid, while contaminants included ammo-
nium ions and iron. Thermodynamic data in the literature was used to calculate the equilibrium
chemical speciation of the eﬄuent, based on its components and their concentrations. All thermody-
namically feasible electrochemical reactions were also considered. It was established that a cation-
permeable membrane was required in the electrochemical reactor in order to isolate the eﬄuent from
the anode and thereby prevent the oxidation of sulfamate ions. In the presence of the membrane, the
cathodic reactions requiring consideration were restricted to the reduction of nickel(II) ions, protons
and water. One of the main objectives was to construct a unified micro-kinetic model, based on the
reduction mechanism models that were favoured in the literature for these three species, with a view
to evaluating the unknown kinetic parameters using kinetic data obtained experimentally in the eﬄu-
ent solution. Subsequently, the kinetic rate expressions were to be incorporated into a macro-kinetic
model describing a membrane-separated electrochemical reactor operating in batch-recycle mode in
order to predict the time-dependent nickel(II) concentrations and reduction efficiencies as a function
of nickel(II) concentration, solution pH and electrode potential / applied current.
A micro-kinetic model was constructed to describe the simultaneous kinetics of H+ and NiII reduction
and was based on the Langmuir adsorption isotherm. The model treated the reduction of both the
NiII and H+ ions in sequential single electron transfers, taking into account the competition between
adsorbed intermediates, NiIads and Hads, as well as the mass transport limitations to each reaction. The
frequently proposed involvement of the nickel monohydroxide ion, NiOH+, in the nickel(II) reduction
process was neglected due to its very low concentration in solution and, therefore, its less than prob-
able contribution to electrode kinetics. The contribution of boric acid to electrode kinetics was not
formally included in the model in view of its conflicting effect on the reduction of the NiII and H+
ions; reports in the literature show that boric acid increases nickel deposition rates and the nickel(II)
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reduction efficiency while decreasing the rate of proton reduction. The manner of the inclusion of
boric acid in the model required further experimental evidence. The reduction of water was also ex-
cluded from the model until the dependence of the potentials of the reaction onset on bulk pH and
boric acid concentration were ascertained.
The H2 evolution kinetics, measured on a Ni RDE in solutions containing sodium sulfate and sulfamic
acid in the absence and presence of boric acid, showed that boric acid had an inhibiting effect on
proton reduction rates and that this effect was most pronounced at the potential zero charge on nickel.
As the specific adsorption of neutral molecules at the electrode is always maximal at the potential of
zero charge of that surface, it was concluded that boric acid inhibited the rates of proton reduction by
adsorption, thereby decreasing the electroactive surface area available for the adsorption of hydrogen.
It was also observed that the ratio between the currents measured in the absence and presence of the
acid decreased towards unity in a Gaussian-like manner away from the potential of zero charge. It was
proposed that the fractional surface coverage by adsorbed boric acid may be modelled as a Gaussian
distribution, centered at the potential of zero charge, provided further data is obtained to ascertain the
dependence of the change in surface coverage by boric acid on its bulk concentration. Furthermore,
the presence of boric acid was found to greatly accelerate the onset of water reduction. The reversible
potentials for water reduction in the presence of boric acid were evaluated based on the potentials at
which the currents measured in the presence of boric acid exceeded those measured in its absence.
The equilibrium potentials for water reduction were found to decrease linearly with increasing bulk
pH; the Tafel coefficients for water reduction were calculated to be -7.6 V-1 and were found to be
independent of bulk pH or of boric acid concentration. Finally, the presence of sulfamic acid was
found to have no effect on H2 evolution kinetics in sodium sulfate media, except at pH below 2.0,
when sulfamic acid is still not fully dissociated into sulfamate ions.
Based on the kinetic data obtained on a Ni RDE and on an Au EQCM in the presence of 10 - 1000 mol
m-3 nickel(II) sulfamate, it was established that nickel deposition occurs under mixed control in the
potential range -1 ≤ E (SCE) / V ≤ -0.85. The onset of nickel(II) reduction was determined to occur
in the potential range -0.81 ≤ E (SCE) / V ≤ -0.71, showing that an overpotential of at least 0.2 V is
required to drive the nickel(II) reduction reaction. In the potential region of mixed control the current
densities, measured at fixed nickel(II) concentrations but in solutions where pH was adjusted from
pH 2.0 to 4.5, decreased systematicaly with increasing pH; the effect of changes in bulk pH was more
pronounced at lower nickel(II) concentrations, confirming that very acidic solution pHs, particularly
in a system where nickel(II) concentration is being depleted, are undesirable during eﬄuent treatment.
At potentials positive of the Nernst potentials for the Ni2+/Ni0 couple the hydrogen evolution current
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densities decreased with increasing pH and also decreased in the presence of more nickel(II). The
latter observation was most probably due to lower surface coverages of adsorbed hydrogen atoms
with increasing pH, enabling higher coverages of adsorbed nickel(II) species, which may have been
electrostatically bound to the electrode surface via the NH2SO3- bridge. No evidence was found to
suggest that the kinetic rate of nickel(II) reduction increased with increasing pH due to catalysis by
NiOH+.
Based on the frequency response of the EQCM during nickel deposition, current efficiencies of 72.5%
and 77.8 % in the presence of 100 and 1000 mol m-3 NiII, respectively, were evaluated at pH 3.0
during mass ransport controlled nickel(II) reduction at an applied potential of -1.1 V (SCE). These
data indicated only a slight dependence of nickel(II) reduction efficiency on nickel(II) concentration
at pH 3.0.
Unfortunately, the kinetic parameters required to fit the micro-kinetic model to experimental data
could not be determined as the measurements of H2 evolution current densities in the absence of NiII
were affected greatly by contamination of the nickel rotating disc electrode by platinum and epoxy
resin smeared over the disc during polishing.
The kinetics obtained in nickel sulfamate eﬄuent samples containing less than 1 mol m-3 of iron
could be accurately reproduced using synthetic solutions containing appropriate concentrations of
nickel sulfamate in the presence of boric acid. However, the reduction kinetics of nickel sulfamate
eﬄuent samples containing over 1 mol m-3 of iron were found to exhibit a plateau in the potential
range -0.7 ≤ E (SCE) / V ≤ +0.4, which could not be explained either by the reduction of protons
nor by interference from the reduction of dissolved oxygen. By kinetic experiments on a GC RDE it
was established that the kinetics observed in some of the eﬄuents could be reproduced with synthetic
colutions containing iron(III). Based on the observed reversible potential in the presence of 2.75 mol
m-3 FeIIICl3 at pH 1.85, it was concluded that the iron in the eﬄuent was present as iron(III) and that
the most probable reduction reaction responsible for the observed plateau was the reduction of Fe2O3.
Fe2O3 + 6H+ + 2e− Ð→ 2Fe2+ + 3H2O
During potentiostatic treatment of nickel sulfamate eﬄuent in a membrane-separated reactor using
samples containing more than 1 mol m-3 of iron, an increase in catholyte pH took place, which, in
most cases, lead to the passivation of the cathode. This pH increase could be explained only through
the occurence of the above reaction. The depletion of iron in the eﬄuent was observed at 300 nm on
the UV-sible spectra of the solution and it was determined that the point at which the pH rise ceased
to take place corresponded to the point at which the iron component of the spectra disappeared,
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indicating the complete removal of iron.
A bench-scale reactor was designed and built in-house for the purpose of treating nickel sulfamate
eﬄuent samples to recover nickel. A macro-kinetic model was developed to describe the operation of
the membrane-separated reactor through which the nickel sulfamate catholyte and the sodium sulfate
anolyte were circulated in batch-recycle mode. The model was based on a set of charge and mass
balances relating to species reacting at the electrodes and the species responsible for carrying the
current through the membrane. The reactor was controlled galvanostatically and the magnitude of
the applied current was adjusted during the NiII depletion process to ensure it did not exceed the
mass transport limited value for a given solution flow rate at any time. Mass transport limited values
were predicted based on the invariant A×km(Ni) values, determined through the characterisation of
the reactor by hexacyanoferrate(III) reduction. 100 % nickel(II) reduction current efficiency was
assumed in these predictions; it was shown that the only discrepancies between the predicted and
measured rates of nickel(II) depletion were due to the less than 100 % efficient nickel(II) reduction
and quantifiable electro-osmotic effects, confirming that the mass transport rates at the electrode were
predicted accurately.
It was observed that in the absence of pH control the pH of both the anolyte and catholyte in the
reactor decreased with time. A decrease in the catholyte pH with time resulted in decreased nickel(II)
reduction current efficiencies, which decreased below 90 %, typically when the catholyte pH fell
below 2.5. The decrease in pH was caused by the accumulation of protons in the anolyte, generated
by the anodic oxidation of water, and their migration into the catholyte. Additions of NaOH into
the anolyte during reactor operation effectively decreased the rate of proton migration through the
membrane from anolyte to catholyte and prevented the decrease in catholyte pH. The effect of NaOH
addition to the anolyte was to increase the concentration of Na+ ions and decrease the concentration
of H+ ions, resulting in the preferential migration of Na+ ions rather than protons. Based on several
experiments in the reactor, it was determined that at nickel(II) concentrations above 200 mol m-3
nickel could be deposited with an average current efficiency of 95 % in solution of pH 3.0. Based
on this observation and in the absence of reliable micro-kinetic parameters, the macro-kinetic model
was used to predict the required NaOH dosing rates to maintain a constant flux of protons and sodium
ions through the membrane and thereby maintain a constant nickel(II) reduction current efficiency.
The predictions of the model were shown to be accurate in every respect except when iron(III) was
present, in which case the catholyte pH increased both in the absence and presence of NaOH dosing
and caused the electrode to passivate.
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Using these control methods, the NiII concentration could be depleted down to ca. 200 mol m-3, as
was shown in the final experiment with the pilot plant reactor. This concentration was sufficiently
small to potentially enable further treatment, for example using a circulating particulate bed cathode.
Using the average charge yield of 95 %, which was achieved in the presence of pH control, and a
cell potential difference of 4.5 V when a Pt/Ti mesh anode was used, the specific electrical energy
consumption was evaluated as ca. 4,300 kW h (tonne Ni)-1, equivalent to ca. $650 (tonne Ni)-1, which
is two orders of magnitude lower than the price of elemental nickel, currently $22k tonne-1. When
Ebonex® anodes were used the cell voltage was typically increased by a factor of at least 1.5, showing
that the use of this material is not economical.
272
8 Further Work Proposal
A notable observation made during the project was that the reduction of FeIII, in spite of typically
being present in the industrial nickel sulfamate eﬄuents at concentrations that are 103 orders of mag-
nitude lower than that of nickel(II), exerts a most undesirable effect of raising the pH of the solution
being treated to recover nickel(II) to values at which nickel(II) precipitates. This effect must be well
quantified and negated. The mass transport rates, evaluated in the reactor using hexacyanoferrate(III)
reduction, must be verified for iron(III) and, based on the quantity and nature of iron species present,
the rates of iron(III) reduction must be accurately calculated prior to the treatment of every eﬄuent
batch. The nature of iron(III), whether Fe2O3 or Fe(OH)3, must be confirmed following gravimetric
analysis and analysis for particulate size using XRD. Since the catholyte pH rises even in the ab-
sence of NaOH dosing it follows that while iron(III) is being reduced in the reactor, the dosing of
the catholyte with acid will be required. The calculations of the required acid drip rates should be
incorporated into the macro-kinetic reactor model.
The micro-kinetic model needs to be developed further to incorporate the kinetics of iron(III)
reduction as a function of its concentration and pH. Kinetic parameters for H2 evolution kinetics on a
nickel electrode have yet to be evaluated on a nickel electrode that is not contaminated by platinum
such that the kinetic parameters for nickel(II) reduction can be obtained based on the successfully
measured overall kinetics. The effect of boric acid on H2 evolution current densities can be modelled
and predicted once data is obtained for a set of boric acid concentrations in the pH range 2.0 - 4.5.
Finally, the EQCM was shown to be an extremely useful technique in ascertaining the partial nickel(II)
reduction current densities. In this thesis, partial nickel(II) reduction current densities were evaluated
in the presence of two nickel(II) concentrations but both solutions were of the same pH. In order to
confirm that nickel(II) reduction kinetics are not accelerated by increasing the solution pH it would
be useful to investigate the effect of pH on the partial nickel(II) reduction current densities at fixed
nickel(II) concentrations.
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9 Appendix
9.1 Appendix A: Nickel Sulfamate Eﬄuent Composition
The concentrations of nickel, iron, sodium and ammonium ions measured in eight nickel sulfamate
eﬄuent samples using ICP and IC are shown in Table 9.1.
Eﬄuent code Eﬄuent pH [NiII] mol m-3 [FeIII] mol m-3 [Na+] mol m-3 [NH4+] mol m-3
1 1.83 787.83 4.942 48.195 221.248
2 2.33 1882.34 0.859 450.109 287.994
3 2.10 839.62 2.507 10.439 280.898
4 2.40 2507.28 1.934 60.548 270.476
5 1.74 988.29 5.873 779.295 341.324
6 4.44 896.87 - 14.093 191.146
7 4.11 1468.66 4.083 2596.78 -
8 4.11 1140.51 6.339 2907.35 -
Table 9.1: Ionic content of nickel sulfamate plating eﬄuents
Based on eight samples the concentrations of nickel(II) in the sulfamate eﬄuents can vary by more
than 1.5 M. The concentration of the iron contaminant can vary by more than an order of magnitude.
The average ammonium ion concentration is 265 mol m-3 and is confirmed as the typical concentration
level at which a nickel sulfamate plating bath becomes an eﬄuent (private communication, Graham
Hartry, Environment Manager, Blank Processing, The Royal Mint, Pontyclun, UK, 2008). Neither
chloride nor nitrate ions were detected. It is not known whether the surprising absense of chloride
ions was due the the fact that it was not added to solution in the plating baths in the first place or
whether chloride was oxidised during the plating process, severely reducing its concentration below
the detection limit following heavy dilution.
There is an evident discrepancy between the concentration of nickel(II) as measured, as may be evi-
dent from Figure 9.2. The discrepancies, which are particularly evident at higher nickel(II) concen-
trations, are attributed to poor mixing of solution. Occasionally, nickel sulfamate re-crystallisation at
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the bottom of eﬄuent reservoirs is visible in spite of the high solubility of this salt.
Eﬄuent code
Peak absorbance at λ = 393 nm
(cuvette thickness = 1mm) [Ni
II]UV mol m-3 [NiII]ICP mol m-3
1 0.427 844.62 787.83
2 1.048 2071.34 1882.34
3 0.442 873.70 839.62
4 1.499 2963.23 2507.28
5 0.556 1100.47 988.29
6 0.549 1085.99 896.87
7 0.892 1769.15 1468.66
8 0.614 1219.17 1140.51
Table 9.2: Discrepancy between nickel concentrations in the eﬄuents as measured by UV and induc-
tively coupled plasma spectroscopy analysis
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Figure 9.1: UV-Vis spectra of nickel sulfamate eﬄuent samples in the wavelength range 200 ≤ λ / nm≤ 500 measured in a 1mm thick quartz cuvette
286
9.2 Appendix B: Nernst potentials and mass stransport characteristics of the
studied RDE systems
The Nernst potentials for the H+/H2 and Ni2+/Ni0 couples are given in Table 9.3 for the concentrations
relevant to the kinetic experiments reported in Chapter 5.
[NiII] / mol m-3 ENi2+/Ni0 (SCE) / V pH EH+/Ni2 (SCE) / V
0 -0.6630 1.5 -0.3337
10 -0.5446 2.0 -0.3633
100 -0.5146 2.5 -0.3929
250 -0.5028 3.0 -0.4225
500 -0.4939 3.5 -0.4521
750 -0.4887 4.0 -0.4816
1000 -0.4850 4.5 -0.5112
Table 9.3: Nernst potentials
Paremeters relevant to mass transport processes are calculated in Table 9.4.
Quantity 60 RPM 240 RPM 540 RPM 960 RPM
km(NiII) / m s-1 1.18×10-5 2.36×10-5 3.54×10-5 4.72×10-5
km(H+) / m s-1 6.88×10-5 1.38×10-4 2.06×10-4 2.75×10-4
jLim([NiII] = 10 mol m-3) / A m-2 2.28×101 4.55×101 6.83×101 9.11×101
jLim([NiII] = 100 mol m-3) / A m-2 2.28×102 4.55×102 6.83×102 9.11×102
jLim([NiII] = 250 mol m-3) / A m-2 5.69×102 1.14×103 1.71×103 2.28×103
jLim([NiII] = 500 mol m-3) / A m-2 1.14×103 2.28×103 3.42×103 4.55×103
jLim([NiII] = 750 mol m-3) / A m-2 1.71×103 3.42×103 5.12×103 6.83×103
jLim([NiII] = 1000 mol m-3) / A m-2 2.28×103 4.55×103 6.83×103 9.11×103
jLim(pH = 1.5) / A m-2 4.20×102 8.39×102 1.26×103 1.68×103
jLim(pH = 2.0) / A m-2 1.33×102 2.65×102 3.98×102 5.31×102
jLim(pH = 2.5) / A m-2 4.20×101 8.39×101 1.26×102 1.68×102
jLim(pH = 3.0) / A m-2 1.33×101 2.65×101 3.98×101 5.31×101
jLim(pH = 3.5) / A m-2 4.20 8.39 1.26×101 1.68×101
jLim(pH = 4.0) / A m-2 1.33 2.65 3.98 5.31
jLim(pH = 4.5) / A m-2 4.20×10-1 8.39×10-1 1.26 1.68
Table 9.4: Mass transport characteristics based on DNiII = 6.61×10-10 m2 s-1 and DH+ = 9.91×10-9 m2
s-1 used in (Vazquez-Arenas & Pritzker 2010a)
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9.3 Appendix C: Reproducibility of cyclic warmup scans prior to measure-
ments of H2 evolution kinetics on a Ni RDE
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Figure 9.2: Reproducibility of warmup scans prior to kinetic measurements of H2 evolution rates on
Ni in a solution containing 500 mol m-3 acidified with H2SO4
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9.4 Appendix D: Kinetics of hexacyanoferrate(II)/(III) oxidation / reduction
The alkaline pH of solutions containing hexacyanoferrate(II)/(III) in the presence of Na2CO3 as sup-
porting electrolyte permits the evaluation of the magnitudes of dissolved oxygen reduction current
densities in the absence or in the presence of rigorous N2 sparging, as shown in Figure 9.3.
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(b) After N2 sparger removed from solution
Figure 9.3: Comparison of O2 reduction kinetics obtained in the absence and presence of rigorous N2
sparging in a solution containing 100 mol m-3 Na2CO3 at bulk pH 11.6 and at 960 RPM
Evaluation of mass transport limited current densities over a range of reactant concentrations in the
presence of rigorous N2 sparging has been evaluated based on kinetic data and compared with predic-
tions made using the Levich equation for a kinematic viscosity of 10-6 m2 s-1, as shown in Figure 9.4.
Results show that as concentrations of the reactants and supporting electrolyte increase, the viscosities
increase exponentially, as may be observed in Figure 9.5.
The effect of Na2CO3 concentration on the reversible potential measured in the presence of fixed
reactant concentrations is visible in Figure 9.6. The reversible potential assumes increasingly more
positive values with increasing Na2CO3 concentration, while kinetics become more facile as localised
migration effects at the interface are reduced by the supporting electrolyte. The effects of the shift
in reversible potential are also visible in Figure 9.7 which presents the full kinetics of hexacyanofer-
rate(II)/(III) oxidation / reduction in the presence of equal quantities of K4Fe(CN)6 and K3Fe(CN)6
but in different amounts.
Experimental data, obtained at various reactant concentrations at rotation rates of 60, 240, 540 and
960 RPM, was modelled using the parameter estimation subroutine in gPROMS based on the kinetic
expression for solute species, discussed in Section 3.1.2. Mass transport was included; the mass trans-
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Figure 9.4: Discrepancies between the current densities predicted by the Levich equation and the
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Figure 9.5: Viscocities of hexacyanoferrate(II)/(III) and nickel sulfate solutions
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port rate constant was modified based on the impact of solution viscosity. The reversible potentials
were also re-defined manually based on the experimental findings. An example of the model output
is shown in Figure 9.8.
Various regions of the kinetic curves were used in the model to estimate kinetic parameters. Moreover,
kinetic rate constants were evaluated both by assuming the transfer coefficient to be a variable or by
fixing it for a value of 0.5 and the model outputs were subsequently compared. A range of results of
results was thus obtained. The dependence of the transfer coefficient on reactant concentration and on
the extent of the data fed into the model is shown in Figure 9.9. Based on the data sets which gave the
best fits of α versus concentraion the the cathodic and anodis rate constants are presented in Figure
9.10b.
The parameters evaluated by inputting kinetic data into gPROMS is presented in Table 9.6. Having
obtained the parameters that best fit the whole range of data, data sets were restricted in order to
examine the effect of reducing the amount of input data. The analysis of the cathodic curents only
was of particular interest since only the cathodic kinetics were measured during the RDE experiments
on Ni.
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Figure 9.10: Kinetic rate constants as functions of reactant concentration obtained using gPROMS
for the coupled hexacyanoferrate(III)/(II) reduction / oxidation reactions
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Variable α α fixed at 0.5
[Fe(CN)64-] / [Fe(CN)63-] / mol m-3 [Fe(CN)64-] / [Fe(CN)63-] / mol m-3
10 25 50 100 10 25 50 100
Full kinetic range
α 0.303 0.365 0.434 0.438 0.5 0.5 0.5 0.5
kc0×10-5 / ms-1 3.480 3.462 2.150 2.386 3.505 3.554 2.234 2.448
ka0×10-5 / ms-1 3.663 3.596 2.212 2.491 2.970 3.206 2.071 2.380
α×10-6 (SD) 3.3 1.3 0.56 0.42
kc0×10-10 (SD) 3.8 1.5 0.38 0.30 3.2 1.4 0.38 0.30
ka0×10-10 (SD) 4.3 1.6 0.41 0.33 2.7 1.2 0.35 0.29
Full kinetic range excluding the mass transport limited Fe(CN)64- oxidation
α 0.317 0.404 0.462 0.512 0.5 0.5 0.5 0.5
kc0×10-5 / ms-1 3.484 3.157 2.070 1.987 1.863 2.224 1.794 2.059
ka0×10-5 / ms-1 3.552 3.215 2.064 2.022 1.973 2.348 1.818 2.096
α×10-6 (SD) 5.8 2.6 1.3 0.94
kc0×10-10 (SD) 9.0 3.5 1.3 0.67 3.2 1.7 0.67 0.44
ka0×10-10 (SD) 8.1 3.2 1.1 0.62 2.0 1.1 0.41 0.33
Negative overpotential range
α 0.299 0.382 0.454 0.499 0.5 0.5 0.5 0.5
kc0×10-5 / ms-1 3.956 3.636 2.193 2.162 1.388 2.085 3.436 2.158
ka0×10-5 / ms-1 3.873 3.549 2.142 2.146 1.794 2.290 2.201 2.142
α×10-6 (SD) 7.4 3.3 1.6 1.3
kc0×10-10 (SD) 16 6.4 2.1 1.5 3.7 2.0 1.5 0.69
ka0×10-10 (SD) 12 4.9 1.5 1.1 2.0 1.2 0.64 0.42
Mixed control kinetics only
α 0.371 0.385 0.424 0.429 0.5 0.5 0.5 0.5
kc0×10-5 / ms-1 2.874 2.799 1.880 1.880 2.885 2.814 1.882 1.876
ka0×10-5 / ms-1 2.897 2.820 1.883 1.928 2.879 2.809 1.873 1.914
α×10-5 (SD) 12 4.9 2.8 1.7
kc0×10-10 (SD) 15 5.9 2.2 1.3 15 5.9 2.1 1.3
ka0×10-10 (SD) 15 6.0 2.2 1.4 15 5.9 2.1 1.3
Mass transport rate coefficients / ms-1
km×10-5 (60 RPM) 6.765 6.999 5.905 4.982
km×10-4 (240 RPM) 1.353 1.400 1.181 0.996
km×10-4 (540 RPM) 2.030 2.100 1.772 1.495
km×10-4 (960 RPM) 2.706 2.800 2.362 1.993
Table 9.6: Kinetic parameters obtained using gPROMS based on the input experimental data of the
coupled hexacyanoferrate(II)/(III) oxidation / reduction reactions at various reactant concentrations;
standard error in the output parameters is also given. Mass transport rate constants are calculated
using the Levich equation.
294
9.5 Appendix E: Coupled Micro-Kinetic and Macro-Kinetic Models Describ-
ing Bench-Scale Reactor Operation
The kinetic results obtained on a Pt RDE, shown in Figures 5.16 and 5.17 in Section 5.2.1, have been
modelled in gPROMS; the kinetic parameters for the reduction of NiII, NiI, H+ and Hads evaluated have
been obtained and are shown in Figure 9.11, where coefficients b bepresent Tafel slopes β in units of
V-1. These results are not of scientific merit because two errors were made in the micro-kinetic model.
The first error was the exclusion of the contribution from H2O reduction, which is vital at potentials
more negative than -1.0 V (SCE). The second fundamental error was that the Tafel slopes, which were
treated as unknowns in the model, were not linked via α for each redox couple but were modelled
separately. Assumptions made in the model were that the reduction reactions of Hads to H2 and NiI
to Ni0 were not reversible. The modelled current densities are compared with the measured current
100 mol m-3
pH ba1 ba2 ba3 bc1 bc2 bc3 bc4 ka10 ka20 ka30 kc10 kc20 kc30 kc40
3 80.75 1.34 11.96 1.92 3.60 0.07 18.07 1.69E-12 7.52E-03 2.41E-09 2.46E-03 2.13E-04 1.79E-02 2.06E-09
4 38.41 1.29 15.69 0.90 5.35 0.07 12.63 1.64E-13 1.28E-01 1.28E-09 7.33E-03 1.69E-04 5.04E-01 1.17E-08
5 37.80 1.06 0.49 1.19 5.38 34.51 31.51 1.14E-13 2.65E-02 1.48E-09 2.79E-03 5.63E-05 1.76E+01 5.64E-11
800 mol m-3
pH ba1 ba2 ba3 bc1 bc2 bc3 bc4 ka10 ka20 ka30 kc10 kc20 kc30 kc40
2 39.83 1.71 20.88 2.28 3.62 1.75 21.35 4.54E-13 5.67E-03 2.74E-08 2.39E-03 2.57E-04 1.89E-03 1.24E-09
3 43.78 1.85 1.87 0.85 3.70 36.53 20.21 6.32E-14 1.37E-02 1.60E-10 3.80E-03 2.70E-04 2.96E-01 5.60E-10
4 57.20 1.64 3.91 0.41 5.93 43.26 11.52 1.03E-16 9.41E-02 2.91E-08 4.24E-03 1.13E-04 4.16E-01 8.71E-09
5 54.18 1.48 19.10 0.77 6.07 23.15 11.62 5.52E-16 1.49E-01 9.66E-07 3.85E-03 1.22E-04 2.86E+00 4.10E-09
1250 mol m-3
pH ba1 ba2 ba3 bc1 bc2 bc3 bc4 ka10 ka20 ka30 kc10 kc20 kc30 kc40
2 32.90 1.49 21.08 2.34 3.93 0.50 21.16 1.81E-11 5.19E-03 1.77E-08 2.41E-03 2.65E-04 3.72E-03 1.23E-09
3 48.33 1.40 33.92 3.10 3.92 7.63 24.29 5.52E-15 6.13E-03 5.98E-09 1.21E-03 2.40E-04 4.39E-01 9.35E-11
4 48.51 1.45 6.56 0.35 4.43 63.51 14.08 2.48E-14 4.97E-02 1.03E-07 6.49E-03 2.15E-04 3.18E-01 1.79E-09
5 49.29 1.85 30.68 0.10 5.84 31.89 10.80 1.39E-14 6.72E-03 8.10E-13 2.40E-03 1.24E-04 5.90E+00 2.44E-09
Figure 9.11: Kinetic parameters obtained when Ni deposition kinetics measured on a Ni-coated Pt
RDE in the presence of [NiII] = 100, 800 and 1250 mol m-3
densities in Figure 9.12a. Surface coverages by adsorbed NiI and Hads are presented in Figures 9.12b
and 9.12c, respectively. Finally, nickel(II) reduction current efficiencies are presented for various
nickel concentrations as a function of overpotential in Figure 9.12d.
The micro-kinetic model utilising the parameter values in was coupled with the macro-kinetic model;
the model was run to replicate the experimental conditions of Experiment 9; after an absence of
dosing in the first three hours the anolyte pH was programmed to return to its initial value every hour.
The results for anolyte and catholyte pH as functions of time and applied potential are presented and
compared in the absence and presence of dosing in Figure 9.13d. Although the kinetic parameters
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input into the micro-kinetic model have no physical significants the results show, that, in principle,
the method of predicting reactor kinetic based in micro-kinetics is a viable.
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(d) Nickel(II) reduction current efficiency as a function
of potential and pH in the presence of 800 mol NiII
Figure 9.12: Kinetics and kinetic parameters during nickel(II) reduction
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(a) Anolyte pH in the absence of external NaOH addi-
tions
(b) Catholyte pH in the absence of external NaOH addi-
tions to the anolyte
(c) Anolyte pH in the presence of external hourly NaOH
additions
(d) Catholyte pH in the presence of external hourly
NaOH additions to the anolyte
Figure 9.13: Modelled effect of NaOH additions to the anolyte on temporal variations in anolyte and catholyte pH in bench-scale reactor No. 2
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(a) Anolyte pH
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(b) Catholyte pH
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Figure 9.14: Modelled effect of NaOH additions to the anolyte on temporal variations in anolyte
and catholyte pH and nickel(II) reduction efficiency as functions of electrode potential in bench-scale
reactor No. 2
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